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Abstract

Dissolved Fe(II) was isolated and preconcentratedin situ in the euphotic
waters of the equatorial Pacific Ocean, using complexation by Ferrozine
previously adsorbed on a Ci_
8 hydrocarbon substrate and then determined
spectrophotometrically. The distribution of Fe(II) in the surface waters varied
temporally and spatially, exhibiting maxima near the surface and often at depths
with higher chlorophyll a.

Laboratory photochemical experiments with

equatorial Pacific seawater demonstrated photochemical reduction of Fe(ill)
which may be an important source for Fe(II) in these waters, altering the
speciation and bioavailability of iron.
A highly sensitive stopped-flow chemiluminescence method was developed
for the analysis of Fe(II) and reducible iron at subnanomolar levels in seawater.
Oxidation of Fe(II) by Ozin the absence of HiOzwas used to catalyze luminol
chemiluminescence. Interference studies were conducted with Cr(III), Fe(III),
Cu(II), Mn(II), Zn(II), Co(II), and Ni(II). The detection limit for Fe(II) with a
200 µ,l sample injection volume is 0.06 nmole/kg in open ocean waters and 0.15
nmole/kg in coastal waters.
A series of high resolution profiles of iron was determined across the
oxic/anoxic transition zone (OATZ) in the Pettaquamscutt Estuary. Selective
chemical treatments and multiple analytical methods were used to determined
the oxidation state and !ability of iron across the OATZ.

Well developed

maxima of total dissolved iron occurred within the OATZ. Analysis of Fe(II) by

the Ferrozine method indicates that more than 95% of the dissolved iron
determined by atomic absorption spectroscopy within the maximum was Fe(II).
Thermodynamic speciation calculations indicated that the dominant species of
Fe(II) in the anoxic waters was the Fe(HSt complex. The Fe(II) concentration
in the anoxic zone appeared to be controlled initially by precipitation of
amorphous FeS, and for deep waters the ion activity product agreed with the
solubility product of mackinawite. A one-dimensional vertical, eddy diffusion
model was developed that incorporates redox reactions of iron, sulfide, and
oxygen. This model predicted a distribution of Fe(II) that was in good
agreement with the observations.
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Preface

This dissertation is written in manuscript format, and consists of three
chapters, six appendices and a comprehensive bibliography. The chapters are
written in formats and styles in accordance with the journal selected for future
publication of the respective chapters. The appendices provide supporting
information for the chapters, and present original work that was not incorporated
into a paper.
The goal of this dissertation is to enhance our understanding of the
distribution and oxidation-reduction chemistry of Fe(II) in the marine
environment.

The first two manuscripts describe field observations and

analytical methods for the determination of Fe(II) in surface seawater. The final
manuscript examines the distribution and processes controlling the concentration
of Fe(II) across the boundary between oxic and anoxic waters.
The first manuscript, "Measurement of Fe(II) in surface water of the
equatorial Pacific" presents the distribution of Fe(II) in equatorial Pacific
seawater determined using a prototype in situ sampling system and shipboard
spectrophotometric analysis. This manuscript has been published; O'Sullivan, D.
W., Hanson, A K., Miller, W. L., and Kester, D. R. (1991), Limnology and
Oceanography, 36(8):1727-1741. A comparison between our Fe(II) data and

dissolved and particulate Fe data from Martin (1992) at the same stations is
presented in Appendix I. A detailed description of an improved in situ sampling
V

system is presented in Appendix TI,"Anln Situ Sampling System for Trace Metal
and Transient Species Preconcentration and Collection in Oceanic Waters" which
was presented at the Fall 1992 American Geophysical Union meeting,
O'Sullivan, D. W., Hanson Jr., A K., Cantu TI, A, Abdel-Moati, M. A R.,
Warren, W. M., and Kester, D. R. (1992) EOS, October 27, pg. 82.
The second manuscript, "Stopped flow luminol chemiluminescence
determination of Fe(II) and reducible iron in seawater at subnanomalar levels"
presents an analytical method for Fe(TI) that requires little post sampling
manipulations of the sample and low sample volumes. This manuscript will be
submitted toAnalytical Chemistry by D. W. O'Sullivan, D.R. Kester, and AK.
Hanson Jr.

The chemiluminescent instrument development is described in

Appendix III, "Design and Construction of a Stopped Flow Chemiluminescent
System" which will be published as a University of Rhode Island Technical
Report by D. W. O'Sullivan and D. R. Kester. This method was used at sea to
examine the photochemical cycling of Fe(II) in several deck incubation
experiments which are described in Appendix IV, ''The Effects of Varying Light
Fields on the Photochemical Cycling of Iron in Surface Seawater". Appendix V
and VI present two programs that were used for data acquisition and processing
with the chemiluminescent system.
The third manuscript, "The Distribution of Fe(II) in the Lower Pond of
the Pettaquamscutt Estuary" describes field observations, thermodynamic
calculations, and a kinetic model of the distribution of Fe(II) across the

oxic/anoxic transition zone in the water column of the Lower Pond. This
manuscript will be submitted to Estuarine and Coastal Shelf Science by D. W.
O'Sullivan and D.R. Kester.
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Chapter 1: Measurement of Fe(II) in Surface Water of the Equatorial Pacific

1

Abstract

The distribution of Fe(II) in the euphotic waters of the equatorial Pacific
Ocean was examined using novel in situ sampling and analytical methodology.
Dissolved Fe(II) was isolated and preconcentrated, at depth, using a
ligand-exchange

chromatographic

technique

and

then

determined

spectrophotometrically. The distribution of Fe(II) in the upper 100 meters was
both temporally and spatially variable but generally exhibited maxima near the
surface and often at depths with higher concentrations of Chi a.

The

concentration of Fe(II) varied from below the detection limit of 0.12 nmol kg-1
to 0.53 nmol kg·1. Exposure of equatorial Pacific seawater to simulated sunlight
in the laboratory resulted in similar Fe(II) concentrations, suggesting that
photochemical reduction may be an important source for Fe(II) in these waters.
Field measurements indicate that Fe(II) may comprise a significant fraction of
the Fe present in euphotic ocean waters, which typically contain less than 1.0
nmol kg-1 of dissolved Fe. The presence of detectable steady-state concentrations
of Fe(II) is believed to be the result of faster rates of photochemical and(or)
biological reduction of Fe(III), relative to the rates of Fe(II) oxidation by oxygen,
peroxides and other oxidants.

2

Introduction

In most of the worlds oceans, phytoplankton production is limited by the
availability of the macronutrients. In regions where there are high nutrient and
low chlorophyll (HNLC) concentrations, phytoplankton production appears to be
limited by some other ecological mechanism. The recent hypothesis that iron
may be the limiting micronutrient in HNLC regions of the oceans (Martin and
Fitzwater 1988; Martin and Gordon 1988;Martin et al. 1989; Martin et al. 1990),
although controversial (Banse

1990), underscores

the

understanding the marine chemistry of this trace element.

importance

of

Mass balance

arguments suggest that the major portion of iron required by phytoplankton in
remote ocean environments may be supplied through atmospheric input of dust
containing mineral Fe (Duce 1986; Martin and Gordon 1988; Donaghay et al.
1991) and bottle incubation experiments, conducted with HNLC waters collected
in the equatorial Pacific ocean, indicate that addition of fresh atmospheric
aerosols enhances phytoplankton growth (Neil Tindale personal communication).
Laboratory studies using well-defined Fe colloids have shown that direct
uptake of colloidal or particulate Fe by phytoplankton does not occur (Wells et
al. 1983; Rich and Morel 1990). Assimilation of Fe from the colloidal Fe pool
must be preceded by thermal or photochemical dissolution since only dissolved
Fe species are bioavailable (Rich and Morel 1990). For phytoplankton to utilize
any source of Fe in the marine environment, the Fe must first be dissolved.
Consequently, evaluation of the Fe limitation hypothesis for HNLC regions of
3

the ocean must include a careful consideration of the concentration, physical
form, and chemical speciation of Fe in oceanic waters.
In this paper we will present data on the vertical distribution of dissolved
Fe(II) in equatorial Pacific surface waters determined using a novel in situ
sampling technique. The presence of measurable quantities of Fe(II) in oceanic
waters has important implications for the solubility, chemical reactivity and
bioavailability of Fe as well as other surface active trace elements. We will also
discuss the chemistry and distribution of Fe in marine waters, and consider the
evidence for, and consequences of, Fe redox cycling in euphotic ocean waters.

The Distribution of Fe in Oceanic Waters---Determining the spatial and

temporal variation in trace metal concentrations in oligotrophic ocean waters is
extremely difficult due to the potential for contamination. Within the last 15 yr,
sampling and analytical techniques have been developed for Fe and several other
trace metals which overcome most of the difficulties associated with
contamination (ie. Bruland et al. 1979; Gordon et al. 1982; Hanson et al. 1988).
In most studies, both a dissolved and a particulate metal concentration are
determined.

Every measurement of dissolved Fe imparts an operational

definition of dissolved (d) and particulate (p) species of Fe. This definition
depends on the pore size of the filter and the ratio between the volume of
seawater filtered and the surface area of the filter, since clogging of the filter
reduces the effective pore size. Generally, dFe is defined as that Fe which
4

passes through a 0.40 or 0.45 µm pore size membrane filter. This definition
includes dFe(Il) and Fe(III) as well as some fraction of the colloidal Fe pool.
This paper presents data on the concentration of dFe(Il) defined as that Fe(Il)
detected when 400 ml of seawater is passed through a 47mm diameter, 0.40 µm
pore size filter.
Fe concentrations which have been reported for oceanic surface waters
(0 to 100 m depth) are summarized in Table 1. The distribution of Fe has been
examined in the most detail in the Pacific Ocean. At all of the open ocean sites
examined to date, d[Fe] was found to be low in surface waters with a subsurface
maximum in the oxygen minimum zone. Elevated Fe concentrations have been
observed near the bottom with associated nephloid layers. The total [Fe] in
surface waters of the northeast Pacific and central Pacific are generally about 1.0
nmol kg"1 with dFe < 0.5 nmol kg-1 (Table 1). In the North Atlantic, the total
[Fe] is generally < 2.0 nmol kg-1 in the surface waters.

These observed

distributions of Fe in the world's oceans are dependent on the sources and
chemical speciation of Fe in seawater.
Speciation of Fe in Seawater---The chemical speciation of Fe profoundly

influences its bioavailability (Anderson and Morel 1982) in oceanic waters and
depends upon the relative importance of a variety of competing processes,
including complexation with organic and inorganic ligands, adsorptiondesorption,precipitation-dissolution,ionexchangeandoxidation-reduction(redox)
reactions. The thermodynamically stable oxidation state of Fe in oxygenated
5
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Table 1. Average dissolved and total iron concentrations in nmol/kg in surface waters of the worlds oceans. The
concentrations at depths < 100 m were averaged to give a mean concentration for the surface waters of the station. The
surface water station means were then averaged to give a regional mean. Data reported as mean[ no. of stations] and
(range of station concentrations).

surface seawater is Fe(III). The dissolved inorganic species of Fe(ill) present
in seawater are predominantly the hydrolysisproducts Fe(OH) 2 +, Fe(OH) 2 +, and
Fe(OHh" with the free trivalent form, Fe 3 +, being an extremely trace
component (Byrne and Kester 1976).
The actual molecular structure of the Fe(OH)/

species is unclear -

whether it is monomolecular as suggested by the chemical formula, or whether
it could be polymeric approaching colloidal dimensions (Kester 1986). Little is
known about the importance of organic Fe(III) complexes in seawater. The
solubility of Fe(III) is very low at the natural pH of surface seawater since
Fe(III) readily hydrolyses to form insoluble colloidal Fe(III) oxy-hydroxides.
There may be considerable variability in the chemical composition, origin,
physical size, chemical reactivity, and solubility of colloidal Fe(ill) oxy-hydroxides
present in seawater (Stumm and Morgan 1981; Crosby et al. 1983). In addition
to controlling Fe solubility, the formation of colloidal and larger, more refractory
pFe phases provides a mechanism for the removal of other trace constituents
from marine waters by adsorption and coprecipitation (Stumm and Morgan
1981).
Although Fe(III) is the thermodynamically stable oxidation state of Fe in
oxygenated waters, fast reduction of Fe(III) to Fe(II) relative to the rate of
Fe(II) oxidation can result in measurable steady-state concentrations of Fe(II).
Fe(II) has been found to comprise a measurable fraction of the total dFe pool
in both freshwater (McMahon 1969; Miles and Brezonik 1981; Collienne 1983;
7

Franco and Heath 1983; McKnight et al. 1988) and marine environments (Waite
and Morel 1984a; Hong and Kester 1986). Fe(II) is several orders of magnitude
more soluble than Fe(ill) in seawater, and equilibrium models indicate that the
principal inorganic species of Fe(II) in seawater include Fe 2 +, FeCl +, FeSO/,
FeCO 3°, and FeOH+ (Kester 1986). Complexation of Fe(II) by natural organic
ligands present in seawater has not been reported but may be important since
Fe(II) organic complexes are known to occur with natural ligands such as
glutamine and tannic acid (Theis and Singer 1974). The complexation of Fe(II)
by natural organic ligands could decrease the rate of Fe(II) oxidation in natural
waters.
Even though oxidation of Fe(II) to Fe(III) in natural waters has been
studied by a number of workers, most investigations involved Fe concentrations,
µM to mM, that were orders of magnitude above open ocean levels (Waite and
Morel 1984a; Moffet and Zika 1987; Millero et al. 1987; Millero and Sotolongo
1989; Millero 1989) and were performed in organic-free artificial media (Sung
and Morgan 1980; Moses and Herman 1989). A few investigations of Fe(II)
oxidation at natural concentrations (nM) in seawater have been performed (King
1988; Miller 1990). King (1988) found that the oxidation of Fe(II) added in
excess of 10 nM to natural seawater could be described with oxidation rates
reported by Millero et al. (1987) and Millero and Sotolongo (1989). However,
oxidation of Fe(II) produced photochemically in seawater was 2-7 times slower
than that predicted from the above mentioned literature (Miller 1990). These
8

results suggest that the oxidation of Fe(II) in seawater and the source(s) for its
production are not yet fully understood.
Although the specific mechanisms for Fe(II) production in marine waters
are unknown, several possibilities have been proposed for abiotic photoreduction
of dFe(ill) and Fe(ill) surface complexes on Fe solid phases (Cunningham et al.
1988; Sulzberger et al. 1989; Hoffmann 1990). Fe(ID) may also be reduced in
surface waters by biologically mediated processes such as microbial reduction of
Fe(l11) and metal redox processes associated with phytoplankton cell surfaces
similar to those observed for Cu (Jones and Morel 1988). Processes which
enhance reduction of F e(ill) and decrease the oxidation rate of F e(II) may result
in a longer residence time of Fe in surface seawater and higher steady-state
concentrations of Fe(II).

Methods

Surface seawater profiles of Fe(II) were determined in June and July of
1990 on the Feline cruise aboard the R/V Wecoma in the equatorial Pacific
Ocean. The Feline cruise involved a north-south transect at 140° W longitude.
Other participants in this field work included the research groups of R. A. Duce
and N. Tindale, K. S. Johnson and J. Martin and F. M. M. Morel.
Fe(ll) Analysis---Fe(II) analysis was performed using the ferrozine ligand-

exchange chromatographic (FLEC) method developed in this laboratory (King
et al. 1991). The FLEC method is based on the highly selective ferrous iron
9

reagent ferrozine (FZ) (Stookey 1970) obtained from Sigma Chemical Co. The
FZ was adsorbed onto a reverse phase C18 Sep-Pak chromatographic cartridge
(Waters Assoc.). The Sep-Pak was pretreated with 10 ml of methanol, 20 ml
MQ rinse, 5 ml of a 0.7 molal NaCI/0.005 molal NaHCO 3 (Baker Analyzed
Reagent) rinse, 2 ml of 0.0040 molar FZ in 0.7 molal NaCl/0.005 molal
NaHCO 3, and 5 ml of a 0.7 molal NaCl/0.005 molal NaHCO 3 rinse.
Seawater samples were passed through the cartridge with the Fe(II) being
quantitatively retained as Fe(II)(FZh

The Fe(II)(FZh

complex was

subsequently eluted from the Sep-Pak in 10 ml of methanol (OmniSolv, HPLC
The eluent was clarified by filtration (0.40 µm inline Millex HV,

grade).

Durapore 9) and the concentration determined colorimetrically using a 10 cm
quartz cell and a Shimadzu UV /Vis-260 scanning spectrophotometer.

The

method was optimized for the determination of Fe(II) in oceanic waters. The
sampling flow rate was 40 ml min-1 and the volume of seawater passed over the
Sep-Pak was 400 ml, resulting in a 40 fold preconcentration.
Standard additions of Fe(II) were performed both in the laboratory and
at sea. Two techniques, a continuous flow method and a batch-mode pH
alteration were used to minimize the oxidation of added Fe(II) prior to
complexation by FZ.

Fe(II) stock solutions were prepared from ferrous

ammonium sulfate salts (Baker Analyzed Reagent) in 0.01 M HCl (Ultrex, J. T.
Baker).
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For the continuous flowmethod, seawater was passed sequentially through
a Nuclepore 9 filter (47mm diameter, 0.40 µm pore size) and a FZ loaded SepPak at 32 ml/min using a laboratory pump (FMI Model RP-G 150). Immediately
prior to the Sep-Pak, a 1.0 µM Fe(II) standard solution (pH 5) was mixed with
the filtered seawater stream using a syringe pump (Sage Model 341). By
adjusting the speed of the syringe pump the concentration of Fe(II) in the
flowing seawater was varied.
The second type of standard addition involved acidifying Sargasso
seawater to pH 6.5 with HCl (Ultrex, J. T. Baker) followed by the addition of
different amounts of Fe(II) to aliquots of the acidified seawater. The samples
with added Fe(II) were passed sequentially through a Nuclepore• filter (47mm
diameter, 0.40 µm pore size), FZ loaded Sep-Pak, and processed for Fe(II)
determination as above. The recovery of F e(II) using the FLEC method was
>90% with a detection limit of 0.12 nm_olkg·1 of Fe(II) in seawater, defined as
3 times the standard deviation of five blank determinations from the same
seawater sample.
In Situ Sampling for Fe(I/)---Fe(II) is a transient species in seawater since

any Fe(II) produced may be rapidly oxidized back to Fe(III) at the natural pH
of seawater. Sampling seawater for Fe(II) using hydrographic samplers such as
Go-Flo bottles is difficult since, in the time it takes to retrieve and filter the
seawater sample the concentration of Fe(II) may change. For example, a portion
of the F e(II) will be oxidized to F e(III), undergo hydrolysis and form insoluble
11

iron oxy-hydoxide colloids which are highly adsorptive. To measure realistic
Fe(II) concentrations, one must quench its rapid oxidation at the moment of
sample collection. This can be accomplished by lowering the pH (Hong and
Kester 1986) or by sequestering the Fe(II) in a form which is not easily oxidized.
We have developed an in situ sampling approach for Fe(II) in seawater that is
based upon sequestering Fe(II) by complexation with FZ.
The in situ sampling system consisted of a filtration/Sep-Pak assembly
(Fig. 1) and a shipboard vacuum manifold. A bundle of low density polyethylene
(LPE) tubing attached to a dacron hydroline was used to pass seawater
simultaneously from different depths through the sampling apparatus using a
vacuum generated pressure differential.

The shipboard vacuum manifold

allowed the flow rate and sample volume to be independently controlled for
samples and blanks at each depth. All of the tubing was back flushed with
ambient seawater prior to deployment.

Seawater was drawn through a

Nuclepores filter (47mm diameter, 0.40 µm pore size) followed by a FZ loaded
Sep-Pak for the sample, or Sep-Pak without FZ for the blank. The pressure
differential was adjusted to be between 30 and 40 cm Hg on all lines to achieve
flow rates between 25 and 35 ml min-1. The volume sampled varied between 350
and 400 ml of seawater. With this sampling system the seawater was withdrawn
from the ocean, passed sequentially through the filter and the Sep-Pak in a very
short time (seconds). The seawater was in contact with a minimum amount of
foreign surfaces and was not brought out of the ocean prior to trapping the
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Figure 1. Non-metallic, in situ sampling system deployed at sea for Fe(II)
sampling and measurement with the FLEC method. The components of the all
plastic sampling probe (A) include two C18 Sep-Paks (blank plus sample) housed
in a polyethylene chamber (B) and a polycarbonate filter holder (C) with
membrane filter (Nuclepore, 47 mm dia., 0.4 µm pore size). The pumping and
deployment components include; (D) vacuum pump, (E) eight-channel vacuum
manifold with reservoirs to collect the volume of water sampled, (F) non-metallic
spool containing sampling tube bundle (0.6 cm. dia. linear polyethylene tubing),
(G) electric winch with dacron hydroline (maximum depth 100 m) and (H)
counter weight (75 lb.) completely encased in plastic (PVC).
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Fe(II) as the Fe(II)(FZ) 3 complex on the Sep-Pak.
contamination was thereby minimized.

The possibility of

The water drawn through the

polyethylene tubing and brought up on deck was required only to determine the
volume which had passed through the Sep-Pak.
Photochemical Experiments---Photoreduction experiments were performed

with a Kratos solar simulator system. The system contains a 1000 W xenon
lamp, an infrared filter, an air mass filter, a sunlens diffuser, and a 90° exit optic.
The intensity and spectrum are similar to that of natural sunlight at the sea
surface. A detailed description of the spectral quality and intensity is given by
Miller (1990). The seawater sample was contained in an acid cleaned 4 L
polycarbonate jar with a teflon coated stir bar and a plexiglass cross piece to
facilitate mixing. The irradiation vessel was thermostated at 25 ± 1

t

in a

plastic water bath. The entire irradiation solution and constant temperature bath
were contained in a laminar flow clean bench. The sample was kept in the dark
in the clean bench prior to irradiation to control the light history of the sample.
Fe(II) was determined with the FLEC method using a 250 ml sample volume.
Chemicals of analytical reagent grade and deionized water (Millipore•
Milli-Q) were used throughout this study. The pH was measured on the NBS
scale with an Orion Ross electrode attached to an Orion model 701A pH meter.
All plasticware and sampling equipment used for trace metal analysis were acid
cleaned.

Total iron was measured with the atomic absorption Co-APDC

coprecipitation technique (Sakamoto et al. 1987). H 20 2 was measured on
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duplicate samples using the enzyme catalyzed fluorescent dimerization of phydroxyphenylacetic acid as described by Miller and Kester (1988).

Results and Discussion

Method Evaluation---Standard addition experiments were conducted to

evaluate the performance of the FLEC method at natural Fe(II) concentrations
in open ocean and coastal waters.

The results for two standard addition

experiments are combined in Figure 2. The circles represent standard additions
of Fe(II) to acidified Sargasso seawater (pH 6.50) and the squares are from
standard additions of Fe(II) to equatorial Pacific seawater (20 m depth at Station
7) using a continuous flow method. The recovery for each Fe(II) standard
addition experiment is > 90%. The slope of the combined regression line is
0.937 ± 0.037 with an

r2= 0.986 (Solid line).

Although all reasonable efforts were made to eliminate loss of Fe(II) by
oxidation during the continuous flow addition experiments, the resultant recovery
of slightly < 100% is most likely due to oxidative loss of added Fe(II) before FZ
complexation. The slope of the regression line (not shown), for the additions of
Fe(II) < 1 nmol kg·1,is 0.982 ± 0.128 with an r2= 0.983. Since the recovery for
additions < 1 nmol kg·1 was nearly 100%, the concentrations of Fe(II)
determined in the surface waters were calculated assuming 100% recovery.
Replicate determinations on the same sample agree within 5%. The detection

16

Figure 2. Standard additions of Fe(II) to natural seawater.
(■)

Station 7, 20 m continuous flow Fe(II) addition, pH

(e)

Sargasso Seawater, laboratory Fe(II) addition, pH
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limit of 0.12 nmol kg·1 of Fe(II) is a conservative estimate, and data below the
detection limit are shown to facilitate discussion. These results indicate the
accuracy and precision of the FLEC method for measurements of F e(Il) in open
ocean seawater.
Our hypothesis is that the Fe(II) detected in seawater by the in situ FLEC
method is the result of natural chemical and/or microbial reduction of Fe(III).
A detailed study of the ligand-exchangechromatographic method for Fe(Il) using
FZ adsorbed onto a C18 Sep-Pak was performed in this laboratory. The results
show that the Fe(Il) detected is not an artifact of the method.. Careful
consideration was given to the possible reduction of Fe(III) by FZ in two modes
of analysis.
First, batch-mode analysis, addition of FZ to seawater followed by
adsorption of the Fe(Il)(FZ) 3 complex onto a C18 Sep-Pak, and second the FZ
pre-adsorbed mode where seawater is passed through a C18 Sep-Pak containing
adsorbed FZ (the FLEC method).

No reduction of Fe(IIl) was observed in

aged Sargasso seawater after the batch-mode addition of 80 µM of FZ and 1000
nmol kg·1 of Fe(III). In freshly collected coastal seawater from Narragansett Bay
(NBSW), Fe(III) reduction was observed in batch-mode analysis. The reduction
rate of Fe(III) was 1.5 and 0.34 nmol kg·1 h-1 in unfiltered and 0.2 µm filtered
NBSW. These results indicate that FZ does not directly reduce Fe(III) but will
effectively trap any Fe(II) reduced by reducing agents present in coastal
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seawater. These results also indicate that particulates are a major source of
Fe(ill) reduction in seawater.
The FLEC method responds to dissolved inorganic Fe(II), surface Fe(II)
associated with particales that will pass through a 0.4 µm filter, and Fe(II)
complexed by weaker organic ligands than FZ. Fe(II) produced in seawater in
the presence of FZ is rapidly complexed and results in an increase in the
Fe(II)(FZ) 3 concentration with time. Consequently, addition of FZ to seawater
followed by extraction of the Fe(II)(FZ) 3 complex will overestimate the Fe(II)
concentration.
Similar experiments, with the FLEC method employed in this study,
showed no detectable Fe(III) reduction during processing of either estuarine or
oceanic waters when the Sep-Paks were eluted within 2 hours (Jie Lin, personal
communication).

Elution and analysis of the samples shortly after in situ

collection results in no measurable Fe(III) reduction because the residence time
of seawater in the Sep-Pak is short ( <0.5 s) relative to the time needed to result
in significant reduction. Pre-adsorption of FZ onto the C18 cartridge, the FLEC
method-has several advantages over batch-mode techniques: it allows
simultaneous complexation and preconcentration of Fe(II); it is easily adapted
for in situ sampling of trace metals: the Fe(II) is retained in an easily
manipulated, relatively concentrated solution which is less prone
contamination.

to

It is important to note that prior to complexation by FZ,
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seawater only comes in contact with the acid cleaned plastic filter assembly thus
minimizing contamination.
Distribution of Fe(II) in Equatorial Pacific Surface Waters---The vertical

distribution of dFe(II) was determined for surface waters at stations 3, 4, 5, and
7 in the equatorial Pacific from June 18 to July 17 1990 with the in situ sampling
1

system and the FLEC method. Station 3 (9° 6 N, 139° 56' W), north of the
equatorial current system, is typical of low-nutrient surface waters of North
Pacific gyre with the mixed layer extending to approximately 60 m (Fig. 3). NO3
was depleted in the mixed layer and there was a maximum in Chi a
concentration at the base of the mixed layer. In the afternoon, surface (1 m)
[Fe(II)] was below the detection limit and from 5 to 40 m it averaged 0.15 nmol
kg·1 but dropped to below detection at the base of the mixed layer. The early
morning surface profile had higher [Fe(II)] throughout the water column. This
surface profile has maxima in Fe(II) concentrations at the surface and near the
Chi a maximum. Fe(II) concentrations measured below the mixed layer were
less than the detection limit.
Similar results were found at station 4 (5° 59' N, 139° 59' W) (Fig. 4).
The mixed layer was considerably deeper (90 m) and there was no clear
maximum in Chi a.

Both the morning and afternoon profiles exhibited a

maximum in [Fe(II)] at the base of the mixed layer. In the afternoon, values of
[Fe(II)] were below detection throughout the water column except at 80 m, and
there was no measurable Fe(II) below the mixed layer in either profile. At
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station 5 (0° 2' N, 140°o' W) Fe(II) was only detected in the near-surface waters
and the deepest waters sampled, 100 m (Fig. 5). This was the only station where
Fe(II) was observed below the mixed layer. Station 7 (3° 0' S, 140° 0' W) had
excess NO3 and lower Chi a in the surface waters than at the other stations (Fig.
6). The Fe(II) surface profiles for this station were similar to those of stations
3 and 4. The average [Fe(II)] determined for the surface waters (0 to 100 m)
at all stations is 0.18 nmol kg-1 with a range from undetectable to 0.53. These
data suggests that a significant fraction of the dissolved iron in surface seawater
in this region (Table 1) is present as Fe(II).
The F e(II) detected in equatorial Pacific surface seawater represents a
dynamic steady-state between the production and loss of Fe(II). Two removal
processes in surface seawater are biological uptake and oxidation to Fe(III) with
subsequent hydrolysis, aging, and settling. The possible mechanisms for Fe(II)
production in these waters are not fully understood but will include microbial
and/ or chemical reduction processes.
Microbial reduction of Fe(III) is known to occur in anoxic waters and in
sediment pore waters (Nealson 1983; Myers and Nealson 1988). Most Fereducing bacteria have been described as facultative anaerobes which can utilize
Fe(III) as an alternative electron acceptor in the absence of 0 2 and NO 3-.
Microbial Fe reduction may occur in surface seawater in the low-oxygen,low-pH
microenvironments associated with suspended particles (Aldredge and Cohen
1987). Jones and Morel (1988) have observed Cu redox processes on
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Figure 3. Station 3 located at 9° N
Hydrographic data, Temp

139° W in the Pacific Ocean. (A)

= ° C, S = salinity %0 (B) N0 3 = µM, Chi a = mg/m 3

x 100, (C) Vertical distribution of Fe(II)
respectively.
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phytoplankton cell surfaces which are coupled to photosynthesis, and a similar
process could be operative for Fe(III), resulting in Fe(II) production in surface
seawater. Neither of these microbiological processes have been observed in
oxygenated surface seawater and it is unknown if either process would represent
a major source for reduced Fe in euphotic ocean waters. Significant Fe(II)
concentrations detected at night at station 7, may result from microbial processes
which may be inhibited by sunlight during the day, resulting in lower Fe(II)
concentrations. These processes merit further investigation to discern their role
in Fe(III) reduction in oxygenated seawater.
Chemical reduction of Fe(III) may also occur by reactions with reducing
organic matter but this process has not been reported in seawater. Evidence for
photochemical reduction of Fe(III) has been reported in shelf waters (Hong and
Kester 1986). The temporal trends in the distribution of Fe(II) observed in this
study could be effected by photochemical reactions.

Several possible

photochemical mechanisms for the reduction of Fe(III) in natural waters have
been proposed which involve reduction of solution phase Fe(III) and/or solid
phase Fe(III)(David and David 1976; Waite and Morel 1984b; Waite and Morel
1984c; Waite 1986; Faust and Hoffmann 1986; Leland and Bard 1987; Waite and
Torikov 1987;Cunningham et al. 1988; Sulzberger et al. 1989; Hoffmann 1990).
One type of mechanism is a photoinduced ligand to metal charge transfer
(LMCT) reaction involving an innersphere ligand:
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,-~--------------------------------------------,1

hv
F e(III)L

F e(II)

---+

+ •L

(1)

In organic free aqueous media, photoreduction may occur by the donation of an
electron from hydroxyl ligands with subsequent dissociation of Fe(II)
(Cunningham et al. 1988; Sultzberger et al. 1989). Aqueous systems containing
organic matter generally increase the efficiency of Fe(II) photoproduction and
dissolution through LMCT reactions involving organic ligands. Carboxylic acids
(Waite and Morel 1984c; Cunningham et al. 1988), thiol containing compounds
(Waite and Torikov 1987) adsorbed alcohols (Cunningham et al. 1985) and
freshwater fulvic acids (Waite and Morel 1984c) have all been shown to
significantly enhance Fe(III) oxide photoreduction.
A second type of mechanism involves the direct excitation of the bulk
solid phase (a semiconductor mechanism) where photo-generated holes are
scavenged by readily oxidizable species and the remaining electrons reduce the
colloidal substrate (Cunningham 1988). Identifying the photo-active source(s)
for Fe(II) production and quantifying the rate of production will assist in
understanding which of the above mechanisms operates in these waters. Both
mechanisms may occur to some degree and undoubtedly contribute to the
observed Fe(II) surface distribution.

Light Irradiationof OceanicSeawater----Severalphotochemical experiments
were conducted in the laboratory to evaluate the potential for photoreduction of
Fe(III) in equatorial Pacific surface seawater from Station 7, at 20 m depth.
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Two samples of aged equatorial surface seawater, one at the natural pH of 8.15
and the other at a reduced pH of 6.50 (adjusted by bubbling with an air-CO 2 gas
mixture) were irradiated with simulated sunlight (Fig. 7). H 2O 2 accumulated
linearly in both experiments at 24.5 ± 3.0 and 11.0 ± 1.5 nM h-1,respectively for
the samples at pH 8.15 and 6.50. As expected, the sample with reduced pH
generated higher [Fe(II)] up to 4.3 nmol kg-1.

At natural pH, the highest

observed [Fe(Il)] was markedly lower, only 0.25 nmol kg-1. The decrease at 20
minutes and subsequent increase at 160 minutes (elapsed time) in the
concentration of Fe(II) during irradiation at natural pH may reflect the
photoproduction and consumption of an oxidant of Fe(II) other than 0 2 or H 2O2
(ie. OH• or 0 2-

).

'.fhe samples were kept in the dark prior to irradiation and

no Fe(II) was detected until the sample was irradiated. The photoproduced
Fe(II) had reoxidized to concentrations below the detection limit after storage
in the dark for 1.5 hours.
These laboratory results indicate that the photochemical reduction of
Fe(III) is capable of producing a few tenths of a nanomole/kg of Fe(II), at
natural pH in equatorial Pacific surface waters. These low [Fe(II)] are similar
to those detected in situ in equatorial Pacific surface seawater.

These

experiments also suggest that the rate of oxidation of Fe(II) back to Fe(III)
significantly influences the steady state concentration of Fe(II). By lowering the
pH of the same Pacific seawater from 8.15 to 6.50 in the irradiation experiments,
the calculated oxidative half-life of Fe(II) increases by a factor of 22 (2.2 minutes
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Figure 7. Fe(II) production in laboratory irradiations of aged equatorial Pacific
seawater, Station 7 40 m, Total Fe = 8.4 ± 0.5 nmol kg·1.
accumulation rate of Fe(II) at pH 6.50 was 2.0 ± 0.2 nM/hr.
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versus 47.9 minutes for pH 8.15 and 6.50 respectively)(Millero et al. 1987;
Millero and Sotolongo 1989). This is similar to the 20 fold increase in the net
photoproduction of Fe(II) observed in these two irradiation experiments. It is
clear that the oxidation rate of Fe(II) relative to the rate of photoreduction is an
important control on the steady-state concentration of Fe(II) attainable in
seawater.
Oxidation of Fe(II) in Seawater---In addition to biological uptake, Fe(II)

is removed from euphotic waters by oxidation to Fe(III). There have been many
studies of the oxidation of Fe(II) in aqueous media (Sung and Morgan 1980;
Davison and Seed 1983; Waite and Morel 1984a; Moffet and Zika 1987; Millero
et al. 1987; Millero and Sotolongo 1989; Millero 1989). A generally accepted
mechanism for the oxidation of Fe(II) by oxygen is the four step Haber-Weiss
mechanism which involves oxidation of Fe(II) by both oxygen and hydrogen
peroxide (Eq. 2 and 4) as rate limiting reactions and by fast reactions involving
radical intermediates, 0 2- a.nd •OH (Eq. 3 and S)(Millero 1989).
(2)
(3)
(4)

Fe 2+

+

•OH

-+

Fe 3+

+

OH-

(5)

The ability of this mechanism to account for the oxidation of Fe(II) under
conditions which maintain the 1:4 0 2 to Fe(II) stoichiometry is very good
(Millero et al. 1987; Millero and Sotolongo 1989).
Applying this mechanism to natural waters must include careful
consideration of the relative concentrations of the species involved with the
understanding that this mechanism has not been confirmed at nanomolar [Fe(II)]
in seawater. The stoichiometry of the mechanism may break down at natural
[Fe(II)] because of competing reactions between the radical-intermediates and
other compounds present in seawater (Zafiriou 1974; Zafiriou et al. 1984).
Another complication in applying this mechanism to oceanic waters is that all of
the intermediates in the mechanism have sources and possible sinks external to
the reaction series. Oxidation of Fe(II) in surface seawater may be enhanced
during sunlight hours as a result of photochemical generation of radicalintermediates external to the above reaction series (Zepp et al. 1987; Mopper
and Zhou 1990).
Measurements of Fe(II) taken at two different times at stations 3, 4, and
7 indicate a change in the net inventory of Fe(II) in the surface waters over a
time period of about 6 h. Generally, the highest values of [Fe(II)] were observed
in the surface waters in early morning with lower values at mid- to late
afternoon. Diel changes in [Fe(II)] observed in estuarine waters contained in
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experimental mesocosms exhibit the lowest values in late afternoon and
maximum values just before noon (Miller 1990). Similar evidence for a diel
cycle was reported for the shelf waters off Peru in which concentrations were the
lowest in the late afternoon and higher at night (Hong and Kester 1986). Our
field observations of lower [Fe(II)] in the afternoon relative to morning values
may reflect the photochemical production of significant steady state
concentrations of transient oxidants of Fe(II).
Because the equatorial Pacific is a very dynamic region of the ocean,
interpretation of the profiles of Fe(II) at stations 3, 4, and 7 as a time series in
the same body of seawater is complicated due to advection and patchiness.
However, the consistency of this observation at these stations suggests that the
processes controlling the observed [Fe(II)] values change on the time scale of
these measurements.
Conventional vs. in situ sampling for Fe(Il)---Martin et al. (1991)
determined dFe on seawater samples collected at the same stations during the
cruise; they used ultraclean collection (30 L Go-Flo bottles) and filtration of 30
L volumes of seawater through 142-mm-diameter, 0.40 µm Nuclepore• filters.
Although we do not have comparable measurements on the same sample of
seawater, their results for dFe are generally <0.1 nmol kg·1 in the surface waters,
which is somewhat lower than what we have reported for dFe(II) at similar
depths. The apparent disagreement between these two sets of results may be
due to the operational definitions for dFe used in the two investigations.
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We define [Fe(II)] as that Fe(II) in 400 ml of seawater which passes
through a 47mm diameter, 0.4 µm Nuclepore• filter and is complexed by FZ.
To filter an equivalent volume of seawater to that of Martin et al.(1991), we
would need to filter in excess of 3 liters of seawater through a 47 mm diameter
filter. The in situ sampling method may exhibit higher concentrations since any
Fe(II) that is associated with colloidal Fe oxy-hydroxides,that can pass through
a 0.4 µm Nuclepore 9 filter, will be complexed by FZ and be included in our
d[Fe(II)]. Further, there is almost no time delay prior to complexation by FZ
where Fe(II) could be lost as a result of oxidation to Fe(III), hydrolysis, and
adsorption onto foreign surfaces.

These processes could result in higher

d[Fe(II)] than found with 30-liter Go-Flo sampling/large volume filtration
methods. The in situ FLEC results for dFe(II) could be higher than large
volume filtration methods for dissolved iron due to the possible reduction of
Fe(III) to Fe(II). But as discussed earlier, FZ itself does not reduce Fe(III)
under the conditions of the FLEC method. •This is supported in this data set by
the absence of Fe(II) at some depths and in seawater samples stored in the dark.
The d[Fe] determined by Martin et al. (1991) may be lower than the
d[Fe(II)] reported here since in the time it takes to retrieve and filter a 30-liter
Go-Flo bottle a fraction of the Fe(II) present will have oxidized to Fe(III)
•undergo hydrolysis and form insoluble Fe oxy-hydroxides. Filtering large
volumes of seawater through a single filter generally results in clogging which
reduces the effective pore size of the filter and increases the surface area,
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enhancing adsorption. If a dissolved metal sample is taken at the start of
filtration, it may exhibit a higher concentration than a sample taken at the end
of filtration due to gradual clogging of the filter. The comparison of their dFe
data with the dFe(II) data presented here is complicated because the
measurements of dissolved iron were not made on the same seawater sample at
the same time. There is evidence that [Fe(II)] exhibits a diel signal, so direct
comparisons between sampling methods should be performed as closely in time
as possible. More research needs to be performed to evaluate in situ vs.
conventional Go-Flo bottle sampling and shipboard filtration methods for Fe.
This information is needed to fully evaluate the impact of operational definitions
of dFe, imparted by each sampling method, on the portion of Fe that is
bioavailable.
Fe Speciation and Bioavailability: Fe(III)/Fe(ll) redox cycling---Although
the oxidation of Fe(II) is not completely understood at natural concentrations,
it is apparent that the rate of oxidation can significantly influence the marine
chemistry and bioavailability of Fe. The tendency of Fe(III) to form colloidal
and particulate phases provides a mechanism for the removal of other trace
constituents from marine waters by adsorption and coprecipitation. For example,
adsorption of Cd, Zn, Cu, and Pb onto several amorphous-crystalline Fe oxyhydroxide phases has been studied as a function of pH, metal ion concentration,
and adsorbent concentration (Davis and Leckie 1978; Benjamin and Leckie
1981). Several studies on the adsorption of anions and cations onto Fe(III)
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derived colloids have been performed. However, few workers have examined
adsorption onto fresh colloids derived from Fe(II) oxidation in seawater
(Millward et al. 1987 and references there in). Colloids derived from Fe(II)
oxidation generally produce y-FeOOH (lepidocrosite), except in the presence of
Si(OH) 4 where ferrihydrite is the product (Tipping et al. 1989), while colloidal
material produced from Fe(ill) hydrolysis is amorphous FeOOH (Crosby et al.
1983). Millward et al. (1987) found that fresh colloidal material from Fe(II)
oxidation was more adsorptive for phosphate than colloidal material derived
from Fe(II) oxidation and allowed to age.
In addition to changes in adsorptive properties, solubility changes due to
redox cycling have important consequences for the bioavailability of Fe. The
scarcity of soluble Fe has been suggested as limiting phytoplankton production
in some oligotrophic ocean waters. In such cases, enhancement of trace metal
bioavailability through reductive processes may significantly influence
phytoplankton growth (Anderson and Morel 1982; Finden et al. 1984; Sunda et
al. 1983; Rich and Morel 1990). Photochemically induced redox cycling of
F e(III) /F e(II) has important effects on the formation of colloidal Fe(III) oxyhydroxides, the solubility, distribution and bioavailability of Fe and other trace
constituents in oceanic waters.
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Conclusions

The results obtained using the in situ FLEC method suggest that dFe(II)
may comprise a significant fraction of the Fe present in the euphotic waters of
the equatorial Pacific Ocean. The possible sources for Fe(II) include
photochemical and microbiological reduction of Fe(III). Laboratory irradiation
experiments indicate that photochemical reduction may be a significant source
for Fe(II) in oligotrophic surface waters. The steady-state concentration of Fe(II)
attainable in euphotic marine waters ultimately depends upon the relative rates
of the processes responsible for Fe(II) production and those controlling Fe(II)
removal by oxidation and biological uptake. This dynamic redox cycling of Fe
will ultimately affect the chemical speciation, distribution, and bioavailability of
Fe in oceanic surface waters.
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Chapter 2: Stopped flow luminol chemiluminescence determination of Fe(II)
and reducible iron in seawater at subnanomolar levels.
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ABSTRACT

A highly sensitive stopped flow chemiluminescence method has been
developed for the analysis of Fe(II) at subnanomolar levels in seawater.
Oxidation of Fe(II) by 0 2 in the absence of H 20 2 is used to catalyze luminol
chemiluminescence. The sample and luminol reagent are pneumatically injected
into a 1 cm flow cell positioned in front of a photomultiplier tube.

The

luminescence intensity is measured with a picoammeter and recorded on a
personal computer. Fe(II) can be determined directly in open ocean and coastal
waters with 5 milliliters of sample. Interference studies were conducted with
Cr(III), Fe(III), Cu(II), Mn(II), Zn(II), Co(II), and Ni(II). Ni(II), Cr(III), and
Fe(III) did not exhibit a significant interference over the concentration range 5
to 500 nmol/kg. Mn(II) and Cu(II) caused a reduction in signal at all levels.
Zn(II) and Co(II) produced an interference only when their concentrations were
100 times or more that of Fe(II) resulting in an enhanced signal. The detection
limit for Fe(II) with a 200 µl sample injection volume is 0.06 nmol/kg in open
ocean waters and 0.15 nmol/kg in coastal waters.

The relative standard

deviation of three replicates is ± 8 %. Direct application to seawater is
accomplished with a minimum of post-sampling manipulations or chemical
treatments. In addition the reducible iron concentration can be determined by
reduction with sulfite. The instrumentation required is easily adapted for field
use.
54

INTRODUCTION

Iron is the fourth most abundant element in the earth's crust and is an
essential micronutrient for biological organisms. In spite of its abundance, iron
is only found in oceanic waters at trace levels ( < 1 nmole/kg).

The recent

hypothesis that iron may limit phytoplankton production in high nutrient low
chlorophyll regions of the world's oceans or at a minimum influence species
composition in those regions (1) is critically linked to an understanding of the
marine chemistry of iron.

Laboratory studies with three well-defined iron

colloids have shown that phytoplankton are unable to utilize these iron colloids
as an iron source (2). Since phytoplankton appear to be able to utilize only
dissolved forms of iron, assimilation of colloidal or particulate iron needs to be
preceded by thermal or photochemical dissolution.

The chemistry of iron in

natural waters dictates its chemical speciation and hence its concentration and
bioavailability. Iron has been observed in two oxidation states in natural waters,
Fe(III) which is the thermodynamically favored oxidation state in oxygenated
waters, and Fe(II) which is oxidized rapidly by 0 2 and H 20 2 in natural waters.
Fe(III) readily hydrolyses forming insoluble iron oxy-hydroxidesthat age through
the loss of water to more refractory iron oxides. Fe(Il) is present predominantly
as Fe(H 2O)/+ and Fe(H 2O)5Cl+ at the pH of seawater and is several orders of
magnitude more soluble than Fe(III) (3,4). The redox cycling of iron in natural
waters may also impact the degradation of dissolved organic matter through the
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generation of radical oxidants by a "photo-fenton reaction"(S). The marked
differences between the chemistry of iron in its plus three and plus two oxidation
states has important implications for the speciation of iron and other surfaceactive trace elements in natural waters as well as for the !ability and
bioavailability of the iron itself. For these reasons there has been great interest
lately in the determination of iron in natural waters.
Many analytical approaches have been utilized to determine the
concentration of iron in natural waters. Total and dissolved iron concentrations
have been determined by the extraction and preconcentration of iron from large
volumes of seawater. Both liquid/liquid extraction (6) and coprecipitation
techniques (7) followed by graphite furnace atomic absorption spectroscopy have
been employed.

Successful application of these techniques requires

manipulations of large volumes of seawater and extensive trace metal clean
facilities and apparatus. An additional disadvantage of these methods is the lack
of information on the oxidation state of iron.
A number of analytical methods have been developed that are able to
distinguish between Fe(II) and Fe(III). If the method only responds to one
oxidation state, treating the samples with an appropriate strong oxidizing or
reducing agent can facilitate the determination of a total or at least "chemically
reactive iron" concentration. Several selective spectrophotometric analytical
methods have been developed for the determination of Fe(II) in natural waters,
and with the addition of a reducing agent, the reducible Fe concentration can be
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determined. These methods are based on the formation of a specific Fe(II)
ligand complex with a characteristic absorption wavelength (8, 9). Although
these methods give excellent results in fresh water and in anoxic seawater, the
levels of Fe(II) in oxic coastal and open ocean seawater are below the respective
detection limits. Pehkonen et al. (10) recently reported a colorimetric method
using di-2-pyridyl ketone benzoylhydrazone as a chelating agent for the
simultaneous determination of Fe(Il) and Fe(III) in atmospheric water. The
detection limits for this method are insufficient for its direct application to
seawater analysis. Waite and Morel (11) developed a controlled-potential
coulometric technique for the determination of oxidizable Fe(II) species in
seawater. They successfullyemployed this technique to study the photochemical
production and subsequent oxidation of Fe(II) in coastal seawater at reduced
pH. However, they were unable to determine the concentration of Fe(II) at
natural pH as a result of the low steady state concentrations of Fe(II) and its
rapid oxidation.
Since Fe(II) is rapidly oxidized at the pH of seawater, accurately
determining its concentration requires inhibition of Fe(II) oxidation prior to
analysis. The oxidation of Fe(II) in seawater can be quenched either by reducing
the pH which slows the oxidation considerably or by the addition of a ligand to
complex Fe(II) and stabilize it.

Hong and Kester (12) determined Fe(II) in

recently upwelled seawater off the coast of Peru by reducing the pH to 6 and
preconcentrating Fe(II) on 8-hydroxyquinoline (8-HQ) bonded to a silica
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stationary phase. The Fe(Il) in the eluent was analyzed spectrophotometrically
with the F errozine (FZ) [3-(2-pyridyl)-5,6-bis(4-phenysulfonicacid)-1,2,4-triazine]
complexation method. Since reducing the sample pH and/ or the addition of
appreciable concentrations of a strong complexing ligand prior to analysis may
enhance reduction of Fe(Ill), King et al. (13) developed a method for extracting
Fe(II) directly from seawater. Seawater is passed over a C18 Sep-Pak on which
FZ has been adsorbed.

The Fe(II) is simultaneously captured and

preconcentrated on the cartridge as an [Fe(II)FZ 3] 2 + complex. The complex is
eluted in methanol and its concentration determined spectrophotometrically (14,
15). Yi et al. (16) modified this technique for the determination of Fe(II) in
atmospheric aerosols and rainwater.

Although these techniques have the

sensitivity to determine Fe(II) in natural waters, they require large sample
volumes and pH adjustments prior to analysis. Elrod et al. (17) developed a flow
injection analysis method with chemiluminescence (CL) detection of Fe(Il) in
seawater. Recently, Obata et al. (18) reported a flow injection method with CL
detection for Fe(III) in seawater. Although these methods require smaller
sample volumes, between 15 and 60 ml for triplicate analyses respectively, both
methods involve reducing the sample pH and preconcentration on 8-HQ columns
prior to analysis. The inherent sensitivity of CL measurements affords the
opportunity to determine ultratrace levels of species without a preconcentration
step. The CL determination of F e(II) by luminol [3-aminophthalazine-1,4-dione]
with and without H 20 2 has been reported (19, 20). We have modified the
58

luminol CL determination of Fe(II) in the absence of H 20 2for seawater analysis.
This method has the advantage of requiring no preconcentration or pH
adjustment prior to analysis. Consequently, it may be applied to the direct
analysis of Fe(II) in seawater.

EXPERIMENTALSECTION

Apparatus. Fe(II) determinations were performed with a stopped flow
chemiluminescent detection system (Figure lA). The luminol reagent and acid
rinse solutions were stored in acid cleaned black teflon bottles (TFE) and
dispensed into the reagent loop with Brinkman dispensettes™. A series of eight
teflon coated solenoid valves and a network of teflon tubing (O.D. 0.32 in.) were
used to manipulate reagent and sample movement through the system (Figure
lB). At the beginning of the analytical sequence luminol reagent was loaded
into the reagent loop with a Brinkman dispensette™. Sample was drawn through
the sample injection loop with a positive displacement pump (FMI, model RP6150) and then to waste to allow flushing of the sample loop with several
volumes of sample. The appropriate solenoid valves were switched and the
volume displaced with N2 gas at 10 psi into a 450 µL flow through
spectrophotometric cell (Helma Inc.) which was positioned directly in front of
a Hamamatsu photomultiplier tube (Model R1527) biased at -650 V. The
luminol reagent was then injected into the reaction cell. The sample and reagent
volumes were 200 µ.L each. The current output of the PMT was continuously
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Figure 1. Schematic of the stopped flow chemiluminescent system. MQ is
Milli-Q purified water.
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monitored with a Keithley model 486 picoammeter. Digital output from the
picoammeter was continuously recorded with a portable computer equipped with
a National Instruments IEEE-488.1 GPIB interface card using software
developed in our laboratory.
Reagents. All the reagents used in this work were analytical grade ACS

certified reagents unless otherwise stated. Trace metal clean techniques were
used throughout this work and all sample manipulations as well as reagent
preparations were performed in a class 100 laminar flow clean hood. Reagent
solutions were all prepared in Milli-Q (MQ) water with a resistance

~ 18

Mn.

The quantity of MQ used to prepare the reagents was determined by weighing
on a Sartorius top loading balance. The reagents and samples were prepared
and stored in teflon bottles, if the chemical species was photochemically active
it was stored in black teflon. All plasticware was cleaned with sequential soaking
in 4N HNO 3 Baker Instra Analyzed (BIA) reagent, 4 N HCl BIA, 2N HNO 3
BIA, 2N HCl BIA, 0.5 N HNO 3, and stored in 0.01N HCl Ultrex.

Each acid

treatment lasted at least 48 hours with the final two acid steps being prepared
directly in the bottle, the plasticware was rinsed three times with MQ between
each step.
Luminol/Boric acid buffer Luminol was obtained from Sigma Chemical

Co. and was used as received. A stock solution of 2 millimolal luminol was
prepared in a black TFE bottle by dissolving 0.177 g of luminol in 500 ml of
MQ. Potassium hydroxide was used to adjust the pH
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~

10 to promote the

dissolution of luminol. A 2.0 molal stock KOH solution was prepared in a
transluscent TFE bottle by dissolving 28.0 g of KOH in 250 ml of MQ. A stock
solution of 0.53 molal H3BO3 was prepared in black TFE bottle by dissolving
16.34 g of H 3BO3 in 500 ml of MQ. The working luminol reagent was 100 µM
luminol in 0.15 M H 3BOi0.17 M KOH. This was prepared by diluting 141 ml
of H 3BO3 stock, 41 ml of KOH stock, and 24.0 ml of luminol stock with 291 ml
of MQ. The buffer reagents were measured in a graduated cyclinder and the
luminol by pipet. If necessary the pH of the buffer was adjusted by additions of
KOH to achieve a reaction pH of 9.9. This approach facilitated preparing
reagent solutions of varying concentrations for optimization of the analytical
method as well as determining the blank contributed from the individual
reagents. The efficiency of the luminol degraded over several months and fresh
reagent was prepared bimonthly.
Fe(//) Standards A 0.020molal primary Fe(II) stock solution was prepared

by dissolving 3.9214 g of Fe(NH 4)i(SO4) 2 in 500 g of 0.2 N HCl in a transluscent
TFE bottle. A 50 µM secondary stock was prepared weekly by diluting 600 µL
of the primary stock with 250 ml of MQ adjusted to pH

= 3.32 with Ultrex HCL

Standard additions of Fe(II) were made from a 100 nanomolar Fe(II) stock
prepared daily by dilution of 500 µL of the 50 µM secondary stock with 250 ml
of MQ, adjusted to pH 4 with 50 µl of 0.5 N Ultrex HCL The quantity of MQ
used to prepare the standards was determined by weighing on a Sartorius top
loading balance.
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Catal.ase Catalase (C-100 58,000 units/mg protien) was obtained from

Sigma Chemical Co. and was used as received. A catalase stock solution was
prepared by a 1 to 100 dilution with MQ in a 30 ml TFE vial. 50 µl of the
catalase stock was added per 10 ml sample volume to consume H 20 2.
Metals Solutions The working stock solutions used for interference studies

with Mn(II), Cu(II), Ni(II), Zn(II) and Co(II) had concentrations between 250300 µM and were prepared by dilution of 1000 ppm individual metal certified
atomic absorption standards (Fisher Scientific). Working stock solutions of
Fe(III) were prepared in black TFE bottles by dissolving 0.0518 g of
FeC13 •6H2O in 500 ml of MQ. Working stock solutions of Cr(l11)were prepared
by dissolving 0.0166 g of CrC13•6H2O in a 125 ml of MQ in a brown
polyethlylene bottle.
Sodium Sulfite A stock solution of 0.1 m NaiSO 3 was prepared and used

as the reductant for reducible iron determinations.

3.31 g of NaiSO 3 was

dissolved in 250 ml of MQ. The stock solution was cleaned by passage through
tandom C18 Sep-Paks, the first was loaded with FZ and the second was not.
This procedure captured any Fe(II) contamination in the stock solution and
prevented any FZ from leaching into the effluent solution. 50 µl aliquots were
added to 50 ml of acidified seawater to achieve a final sulfite concentration of
100 µmol/kg in the sample.
HCl rinse solution A 0.01 M HCl solution was used to rinse the system

between sample injections, it was prepared by diluting 417 µl of concentrated
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Ultrex HCl in 500 ml of MQ.
Procedures:

Optimization of the method for seawater analysis was

performed in Sargasso Sea seawater (SSW) and/or North Pacific seawater
(NPW). The respective surface seawaters were collected with trace metal clean

teflon pumping systems and stored in 20L acid cleaned polyethylene containers
at room temperature. The SSW had been stored for three years and the NPW
for one year prior to use in these experiments. Seawater from the carboys was
subsampled into acid cleaned black TFE bottles and the pH reduced to about
6 by the addition of 0.5 N HCl prepared from concentrated Ultrex HCl. Prior
to reducing the pH the seawater was allowed to stand in a black TFE bottle for
at least one hour. Analysis of a subsample after this procedure resulted in a
small signal, generally less than 1% of the signal produced by 5 nmol Fe(Il)/kg.
This is a result of unidentified species in seawater that stimulate CL, and was
treated as the seawater blank. Experiments were then performed to identify
possible interferences and the optimum conditions for Fe(II) determination in
seawater.
Reducible iron: If an appropriate reducing agent is employed the CL

method can be used to determine the concentration of "reducible iron". The
result is dependent on the forms of Fe(III) which are readily reduced by the
reducing agent. Screening experiments were performed with several potential
reducing agents to evaluate whether they would result in an interference.
Ascorbic acid, hydroxylamine hydrochloride, and sodium sulfite were examined
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as reducing agents. Ascorbic acid additions of 10 µmoljkg resulted in total
suppression of the CL signal. The use of hydroxylamine hydrochloride as the
reducing agent produced a low signal that did not return to base line. Sodium
sulfite produced the most consistent results without interfering with the method
and was selected as the reducing agent. The sample pH was reduced to less than
2 by the addition of 0.5 N Ultrex HCl and NciiSO3 added to achieve a final
concentration of 100 µmol/kg. The sulfite was allowed to react for 24 hours at
pH < 2. Prior to analysis the pH of the samples was brought to between 5.5 and
6.0 by the addition of 0.37 m Ultrex NH4OH and allowed to stand for another
4 hours. The additional four hour delay was a precautionary measure to ensure
that any Fe(II) which may have been inadvertently oxidized during pH
adjustment could be reduced by the remaining sulfite. The samples were
analyzed by standard additions.
Chemiluminescent Reaction Mechanism: Luminol (LH-, structures are

shown in Figure 2) has been shown to undergo CL with a variety of oxidants in
basic solution, and has been involved in the development of many analytical
techniques (Eq. 1):

LH-

oxid
-OH- LQl-l*
~... -P

2
- +

N2

+

hv

(1)

Understanding the luminescence reaction mechanism in complex media such as
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seawater can facilitate identification and elimination of possible interferences.
The emission intensity, I (photons/sec) for a CL reaction is directly proportional
to the rate of reaction, dC/dt (molecules reacting/sec) where

tCL

is the quantum

yield (photons emitted/molecule reacting) (Eq. 2) (21):

I=

tCL

dC
dt

(2)

(-)

Since the emission intensity depends on the reaction rate, a given reaction can
be the basis for an analytical method for any of the reactants. For example, in
our system under the appropriate conditions similar chemistry can be used to
develop methods for luminol, oxygen or F e(II) analysis.
The resulting CL intensity as a function of time is composed of a buildup
and decay portion which depend on the two slowest reaction steps. The rate
limiting step is generally the initial oxidation reaction, and, therefore, kinetic
studies of the luminescent mechanism are difficult to perform.

By enhancing

the luminescence yield with pulse radiolysis, the excited molecule has been
identified as the hydroperoxide (L0/1-)(22).

We will assume that the

luminescent species is the same when induced by radiolysis or by Fe(II)
oxidation. Our basis for this assumption is that the emission spectrum obtained
for the CL reaction initiated by Fe(II) oxidation is virtually the same as the
emission spectrum obtained after radiolysis, suggesting the same excited species
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Figure 2. Structures of the various luminol species.
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(Figure 3)(23).
Utilizing the insight gained by pulse radiolysis, one can propose a
probable mechanism for the luminescence generated in our analytical system.
In this analytical system the oxidation of Fe(II) is used to catalyze the CL
ofluminol. A generally accepted mechanism for the oxidation of Fe(II) in
aqueous media is the four-step Haber-Weiss mechanism which involves the
oxidation of Fe(II) by oxygen and hydrogen peroxide (Eq. 3 and 5, Table I) as
rate limiting reactions, and fast reactions involving 0 2- and •OH intermediates
(24, 25).

In this system •OH reacts predominantly with Br- dissolved in

seawater (Eq. 6 and 7) (26, 27). Although a rate constant for the reaction of
Br2 e- with LH- (Eq. 8) is not available, some constraints can be placed on its
value. The one electron oxidants N3 •, CO3•-, and Br2•- produce L- upon
reaction with LH-. (23, 28) The rates for the former are 2 x 109 and 9 x 108
respectively, and the rate of Br

2

•-

reactions with phenolic compounds are about

10 (29, 30). Consequently a reasonable estimate of the rate constant for the
9

reaction of Br

2

with LH- is on the order of 10 to 10
8

•-

9

.

In this mechanism

Fe(II) oxidation provides the radicals necessary to generate the luminol radical
and superoxide which react to form the excited peroxide intermediate. CL is the
result of the decay of the excited peroxide intermediate into the 3-aminopthalate

(P2") and N

2

.

Protonation equilibria are assumed to be achieved at each step.
RESULTS AND DISCUSSION

Standardization

The method was calibrated in Narragansett Bay
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Figure

3.

Fe(II) oxidation and pulse radiolysis induced spectra of the

luminescent reaction. Solid line is Fe(II) oxidation induced emission spectrum
of the luminescent reaction which was determined with 100 µmole/kg Fe(II) and
2.2 mmole/kg luminol at pH 10.5. Solid circles are the pulse radiolysis induced
emission spectrum (23).
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Table I. Reaction mechanism for the Fe(II) catalyzed chemiluminescence of
luminol.
No.

3

Chemical Reaction
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Units

seawater, North Pacific ocean water, and Sargasso Sea seawater. Standard
additions of Fe(II) were made to seawater which was stored in the dark prior to
use.

CL intensity was found to be a linear function of added Fe(II) over the

ranges of Fe(II) tested for the respective seawaters, in NBSW for Fe(II)
concentrations from 0 to 200 nmol/kg and in SSW and NPW from O to 50
nmol/kg. Both peak height and peak area were found to be linear functions of
added Fe(II).

Peak area was chosen for further method development and

analytical work, since it resulted in greater sensitivity and less variability than
peak height. The slope of standard curves in SSW and NPW were (265 ± 6) x
10-11 Coulombs/nanomolal Fe(II) and (275 ± 2) x 10-11 Coulombs/nanomolal
Fe(II) respectively. The Fe(II) detection limit for a 200 µl sample volume of
open ocean seawater is 0.06 nmol/kg where the detection limit is defined as
three times the standard deviation of the blank.
In coastal seawater the sensitivity is reduced, and the slope of standard
curves is somewhat variable. The slope of a standard curve in NBSW from 0 to
200 nmol Fe(II)/kg

with twelve data points was (141 ± 6) x 10-11

Coulombs/nanomolal Fe(II). Standard curves in NBSW from 0 to 40 nmol
Fe(II)/kg with eight data points exhibit a change in slope at 14 nmol Fe(II)/kg,
from (20 ± 0.5) x 10-11 Coulombs/nanomolal Fe(II) for concentrations less than
14 nmol Fe(II)/kg to (57 ± 3) x 10-11 Coulombs/nanomolal Fe(II) at higher
concentrations. This is a result of medium effects in coastal waters that are not
present in open ocean waters. The detection limit for Fe(II) in coastal seawater
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is 0.15 nmol/kg. The intercepts for all the standard curves were not significantly
different from zero. The precision of the CL method is quite good with standard
deviations between 3-8% for concentrations < 4 nmol/kg Fe(II) decreasing to
2-5% for concentrations

~

4 nmol/kg Fe(II) in open ocean seawater.

Effect of dissolved organic matter The influence of dissolved organic

matter on the sensitivity of the chemiluminescent method was examined in
coastal seawater. Dissolved organic matter may effect the sensitivity of the
method in a number of ways; absorption of the luminescent signal, reduction in
signal by competing for radical intermediates, and by complexation of Fe(II).
Standard additions of Fe(II) to both 0.2 µm filtered and unfiltered NBSW
exhibited changes in slope at 14 nmol/kg (Figure 4).

Extraction of dissolved

organic matter from NBSW by hydrophobic adsorption onto a C18 Sep-Pak
resulted in a factor of 2 increase in the slope for additions less than 14 nmol
Fe(II)/kg and a 15% increase for additions greater than 14 nmol/kg (31).
Standard additions to NBSW which had undergone UV oxidation did not exhibit
a change in slope at 14 nmol Fe(II)/kg, but exhibited an increased slope at
concentrations greater than 2 nmol Fe(II)/kg (Figure 4). The shift in the change
in slope from 14 nmol/kg to 2 nmol/kg added Fe(II) after UV oxidation is
suggestive of organic complexation of Fe(II). Absorption of the CL emission or
competition for radical intermediates in the reaction path by dissolved organic
matter should produce a reduction in slope, however, these processes are
unlikely to result in a change in slope that is dependent on the concentration of
75

Figure 4. Effect of dissolved organic matter on the chemiluminescent intensity.
Standard additions to NBSW with different treatments, ( ◊) 0.2 µm filtered
NBSW, ( •) unfiltered NBSW, ( •) C18 Sep-Pak extracted NBSW, and
oxidized NBSW.
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Fe(II). This feature suggests the presence of Fe(II) organic complexes and
should be characterized for different coastal waters.
Effect of pH Studies of the influence of sample pH and the pH at which
the reaction occurs were conducted to evaluate the optimum conditions for
seawater analysis. In seawater, the maximum CL intensity occurs at pH 9.9; for
fresh waters CL intensity has a broad maximum from pH 10.5 to 11. The
monotonic increase in CL intensity approaching pH 10.5 in fresh water systems
is a result of an increase in the formation of the chemi-excited peroxide
intermediate. The decrease in CL at pH > 11 matches the decrease in the
fluorescence quantum yield of P 2-.
occurs at pH

~

In seawater the maximum CL intensity

9.9, (Figure 5) well before the decrease in the fluorescence

quantum yield of P2-.

The shift in the maximum in seawater is a result of

precipitation of Mg(OH) 2 at pH > 10. The precipitation of Mg(OH) 2 can
suppress the CL intensity by scavenging of Fe(II) and/or by scattering of the CL
emission. Examination of the influence of sample pH on the CL intensity
showed no effect until the sample pH was less than 4 where the acidity of the
sample begins to shift the reaction pH to values lower than the optimum at pH
~

9.9 (Figure 6).
Luminolconcentration The optimum concentration of luminol for a given

sample matrix depends on the range of Fe(II) concentrations. Experiments
examining the optimum luminol concentration for analyses in coastal and open
ocean waters indicate that 100-200µmol/kg luminol can be used for both coastal
78

Figure 5. The pH dependence of the chemiluminescent reaction in seawater.
Sargasso seawater at pH 5.3 containing 5 nmol/kg added Fe(II) was reacted with
200 µmole/kg luminol in boric acid buffer of varying pH.
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Figure 6. The effect of sample pH on the intensity of the chemiluminescent
reaction.

Sargasso seawater with 5 nmol/kg added Fe(II) reacted with 5

µmole/kg luminol 0.15 m H 3B0 3/0.17 m KOH, pH 9.9.
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and open ocean samples (Figure 7). Standard additions of Fe(II) in SSW were
linear from Oto 50 nmol/kg Fe(II) with the above luminol concentration range.
Lowering the concentration of luminol to 5 µmol/kg for work in SSW at
concentrations of Fe(II) < 5 nmol/kg, resulted in a factor of 3 enhancement in
sensitivity. This is a result of a reduction in the luminescent reaction rate
extending the duration of the CL emission enhancing the integrated signal.
Although the sensitivity is improved, the range of Fe(II) concentration where the
method is linear decreases to 0-8 nmol/kg Fe(II).

Similar experiments

conducted with lower luminol concentrations with coastal seawater did not result
in enhanced sensitivity. This may be a result of more effective kinetic
competition for the radical intermediates in the reaction sequence between DOC
and luminol in coastal waters.
Effect ofHP

2 concentration:

Since H2O2 has been used as an oxidant in

luminol CL for transition metals before, we were concerned that natural levels
of H 20 2 would cause an interference in the analytical method.

The

concentration of H 20 2 varies over a diel cycle in seawater potentially effecting
the performance of the method (32). Additions from 20 to 500 nmol/kg H 20 2
were made to SSW at reduced pH containing 5 nmol/kg Fe(II), resulting in a
two fold signal enhancement (Figure 8). The additions cover the range of diel
variations in H 20 2 concentrations observed in natural waters (33). Consequently,
samples taken at different times of day would be effected by the changes in
H 20 2. Although standard additions of Fe(II) in the presence of H 20 2 are linear
83

Figure

7.

The effect of luminol concentration on the intensity of the

chemiluminescent reaction. Sargasso seawater pH 5 with 25 and 50 nmol/kg
added Fe(II), (■) and ( •) respectively, reacted with varing concentrations of
luminol in 0.1 m H3B0 3/0.12 m KOH, pH 9.9.
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over this concentration range, performing standard additions to every sample is
labor intensive. Catalase was added to remove H 20 2 prior to analysis.
Additions of catalase to Sargasso seawater with and without added Fe(TI) have
similar peak heights and areas. Additions of catalase to Sargasso seawater with
added H 20 2 and added Fe(II) results in similar peak heights and areas. These
results show that catalase does not interfere with the method and eliminates the
interference due to H 20 2 (Table TI).
Sample Salinity The effect of salinity on the intensity of the CL reaction

was investigated (Figure 9). Sargasso Sea seawater at pH 6 was diluted with MQ
to achieve the appropriate salinity and 3.2 nmol Fe(II)/kg was added. The CL
intensity was independent of salinity from 25 to 35 ppt. The emission intensity
was reduced markedly at salinities below 25 ppt. As the salinity decreases, the
Mg2+ion concentration decreases which shifts the reaction towards higher pH.
At reaction pH > 10, Mg2+precipitates as Mg(OH) 2 consuming two equivalents
of OH- for every Mg2+. The shift in reaction pH accelerates the precipitation
of magnesium hydroxide which interferes by either scavenging Fe(II) and/or
scattering the luminescent emission decreasing the signal intensity. Analysis of
samples of lower salinity can be accomplished by adjusting the buffer
composition so the reaction pH remains 9.9.

By preparing several

luminol/buffer reagents of the appropriate composition, samples over the salinity
range form O to 36 ppt can be analyzed.
Injection pressure and flow rate: Since the signal intensity depends on

86

Figure 8. The effect of H 2O2 on the luminescent intensity. Standard additions
of H 2O2 were made to SSW at pH 6.3 containing 5 nmol Fe(II)/ kg, and reacted
with 200 µM luminol in 0.1 m H 3BO3/0.12 m KOH, pH 9.90. Peak
and peak area ( •) are presented.
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Table II.

Effect of catalase on the chemiluminescent reaction intensity.

Sargasso seawater pH 6 with added H20 2 and/or Fe(II) reacted with 200 µM
luminol at pH 9.9.

Sample

pH

Peak Height

Peak Area

[Fe(II)]

[HOOH]

Average±

Average±

nmol/kg

nmol/kg

S.D.

S.D.

SSW

8.1

13 ± 2

48 ± 8

SSW

6.3

11 ± 1

49 ± 6

SSW CAT

6.3

15 ± 2

65 ± 8

SSW

6.3

5

449 ± 42

1262 ± 89

SSW CAT

6.3

5

480 ± 20

1348 ± 11

SSW

6.3

100

16 ± 2

68 ± 11

SSW

6.3

100

752 ± 35

1780 ± 50

SSW CAT

6.3

100

12 ± 1

54 ± 14

SSW CAT

6.3

100

426 ± 27

1179 ± 82

5

5
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Figure

9. The effect of salinity on the intensity of the chemiluminescent

reaction. Sargasso seawater pH 6 with 3.2 nrnol/kg added Fe(II) reacted with
200 µmole/kg luminol 0.1 m H 3B0 3/0.12 m KOH, pH 9.9.

Most of the

decrease in signal for salinities less than 25 pss is due to reduced magnesium ion
concentrations and elevated reaction pH values.
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the rate of the chemical reaction, mixing within the reaction chamber can affect
the signal. In this system mixing is accomplished during the injection of the
reagent into the sample, consequently, both the flow rate and pressure of the N2
could be important. The effect of the N2 pressure on the reaction efficiency was
examined with additions of Fe(II) to SSW at reduced pH. N2 pressure did not
have a large effect on CL intensity until a pressure of 7 psi where the signal
doubled. At greater pressures the signal remained relatively constant (Figure
10). Although the effect of the flow rate of N2 on the CL intensity does not
exhibit a clear trend, a flow rate of 30 ml/min was used throughout this work
(Figure 11).
Interference studies with Cr(III), Fe(III), Cu(II), Mn(II), Zn(II), Co(II),
and Ni(II) Interference studies were conducted in SSW at pH 6 with 5 nmol/kg

Fe(II). Individual metal ions were added at 1, 10 and 100 times the Fe(II)
concentration and the change in CL emission was compared to the emission in
their absence (Table III). Ni(II), Cr(III), and Fe(III) did not exhibit a significant
interference at any concentrations tested. Co(II) did not interfere when it was
present at the same or lower concentrations as Fe(II), however at higher
concentrations it exhibited a strong positive interference. Co(II) is unlikely to
interfere in the analysis of seawater since it is present at picomolar levels.
Zn(II) caused a slight negative interference at 10 times the Fe(II) concentrations
with a large positive interference in the 100 times treatment.
Mn(II) and Cu(II) produced marked signal reductions. A similar effect
92

Figure 10. The effect of sample and reagent injection pressure on peak area.
Sargasso seawater pH 6 with 3.8 nmol/kg added Fe(II) reacted with 200
µmole/kg luminol 0.1 m H 3B0 3/0.12 m KOH, pH 9.9.

93

600

500

rn
Q)
L..

<(
~

rn
Q)

a.. 400

300

I~
1

2

3

4

5

6

7

8

Injection Pressure (PSI)
94

9

10

11

Figure 11. The effect of sample and reagent flow rate on peak area. Sargasso
seawater pH 6 with 5.5 nmol/kg added Fe(Il) reacted with 200 µmole/kg
luminol 0.1 m H 3B0 3/0.12 m KOH, pH 9.9.
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was observed by Seitz and Hercules (19), and attributed to the oxidation of
Fe(II) via a path that does not result in CL emission.

At the pH of the

reaction, Cu(II) and MnO2 can oxidize Fe(II) to Fe(ill):
eu~+~~=CuOO+~~
MnO2 + 4H+ + 2Fe(II) = Mn(II) + 2Fe(ill) + 2H2O

(~
(13)

The Mn(II) and Cu(I) formed are oxidized by 0 2 at the reaction pH causing the
catalytic oxidation of Fe(II) without involving luminol. This explanation is
supported with the observation that the signal reduction is more pronounced at
higher Cu(II) and Mn(II) concentrations. In addition interference experiments
conducted with 200 µ,M luminol and additions of Cu(II) and Mn(II) at 1, 5, and
20 times the Fe(II) concentration, resulted in signal reductions of 82%, 80%, and
12% for Mn(II) and 78%, 31%, and 3% for Cu(II), respectively. Consequently,
as the lurninol concentration is increased it can compete more effectively with
the alternative Fe(II) oxidation path.
For Cu(II), it is unlikely that this would be an important interference in
natural samples since 98 to 99 % of the Cu(II) in natural waters is strongly
complexed. The Mn(II) interference is potentially important in natural samples
since the levels tested here are in the range of Mn(II) observed in coastal and
surface seawater. Analyses performed on samples from Narragansett Bay did not
exhibit interferences due to Mn(II) or Cu(II). However, it may be necessary to
increase the luminol concentration or complex Mn(II) for analyses in some
97
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Ni(II)

114 ± 11
100 ± 7
103 ± 6

Zn(II)

92 ± 8
88 ± 8
1582 ± 6

Treatment

1x

lOx

lOOx

451 ± 8

153 ± 9

92 ± 8

Co(II)

93 ± 6

98 ± 10

94 ± 8

Cr(l11)

[Average ± standard deviation, of three replicat analyses]

Cu(II)

6± 8
0±5

94 ± 5

1±6

3 ± 19

12 ± 17 • 75 ± 5

Mn(II)

89 ± 8

91 ± 7

Fe(l11)

percent signal intensity relative to the signal intensity of 5 nmol Fe(II)/kg in the absence of interfering metals.

treatments are of different interfering metal concentrations at multiples of the Fe(II) concentration. Values are the

Table III. Metal interferences calculated relative to 5 nmol Fe(II)/kg in SSW at pH 6 with 5 µM luminol. The

natural waters. Standard additions of Fe(II) in SSW with mixtures of the above
mentioned metals were linear with the exception of solutions containing Cu(II)
and Mn(II) (Figure 12).
Comparison with other methods: To furthur validate the specificity and

response of the CL method for F e(II) analysis, it was compared to the FZ
method of King et al. (13) which is a highly selective spectrophotometric method
for Fe(II).

An intercomparison experiment was performed in NPW with

additions of Fe(II) from Oto 10 nmol/kg. The agreement between the methods
was excellent (Figure 13). A comparison between the CL method and FZ
method performed in coastal seawater also exhibited excellent agreement, Table
IV.
Accuracy: The accuracy of this method was tested by analyzing standard

reference seawater obtained from the National Research Council of Canada,
Marine Analytical Chemistry Standards Program. Sodium sulfite was allowed to
react with the iron in the NASS-1 (North Atlantic Surface Seawater) standard
at pH 1.6 for 24 hours. Prior to analysis the pH was adjusted with NH 4 OH to
pH

~

6 and allowed to stand for an additional 4 hours. The reducible iron

concentration of the NASS-1 samples was determined by standard additions
(Figure 14). The agreement between our results on triplicate analysis of four
replicate NASS-1 samples and the certified value for the NASS-1 are very good,
Table IV. Implicit in the agreement with the certified value is confirmation of
99

Figure 12. Standard additions of Fe(II) to SSW containing interfering metals.
Standard additions of Fe(II) were made to SSW at pH 6.3 in the presence of; ( •)
10 nmol/kg of Zn(II), Co(II), and Ni(II);

( ■)

and (..,) 10 nmol/kg of Mn(II) and Cu(II).
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Figure 13. Intercomparison of the FZ method and the luminol CL method.
Standard additions of Fe(II) were made to pH 6 NPW in one liter black TFE
bottles and were analyzed simultaneously by both methods. The solid line is the
linear regression of the data (■ ).
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Table N.

Comparison of sulfite reducible iron determination with the FZ

method, and analysis of NASS certified seawater. All values are nmol Fe/kg
and are the average and standard deviation of triplicate analyses.
Certified

FZ method

CL method

28.9 ± 1.8

29.2 ± 3.7

20.0 ± 3.2

25.0 ± 3.9

Value
NBSW

0.2 µ.m filtered NBSW

--

NASS-la

3.44 ± 0.62

3.09 ± 0.45

aNational Research Council of Canada, Marine Analytical Chemistry Standards
Program. Values are in nmol/L ± 95% confidence interval.
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Figure 14. Standard additions of Fe(II) to NASS-1 standard seawater that has
had sulfite added to reduce Fe(III) to Fe(II).
regression of the data ( ■ ).
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the specificity of this analytical method for Fe(Il), since the NASS-1 standard
contains a suite of metals found in seawater.
Analytical Applications: This CL method was used to perform analyses

on filtered and unfiltered NBSW for reducible Fe. Addition of N~SO 3 to
samples of NBSW were performed to reduce any reactive Fe to Fe(Il). The 0.2
µm filtered NBSW had a lower reducible iron concentration than unfiltered

NBSW, Table IV. The CL method was also used to examine the oxidation rate
of Fe(Il) at ambient pH and concentrations of Fe(Il) in seawater (Figure 15).
The oxidation of 20 nmol/kg added Fe(Il) was followed in 50 ml of SSW at pH
8.14 ± 0.03, T = 21° C, and salinity= 36.5. The half life of Fe(Il) in SSW at pH
8.14 was found to be 4.7 ± 0.2 minutes. This is slower than what would be
predicted from literature oxidation rates by a factor of 1.8 (25, 34). This may be
due to the scavenging of radical intermediates in the oxidation path or organic
complexation of Fe(II). The first order rate plot verifies the ability to measure
Fe(II) down to at least 0.2 nmol/kg in the presence of Fe(Ill) at 20 nmol/kg.
Previous studies of the red ox cycling of F e(II) have been hampered by higher
detection limits and/or the need for large volumes of seawater.

This

demonstrates the utility of this method in examining the redox reactions of Fe(II)
at ambient levels and under natural conditions.
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Figure 15. Oxidation of 20 nmoljkg added Fe(II) in SSW at pH 8.14, 21 ° C,
and 36 ppt. The solid line is the linear regression of the data (■ ).
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Chapter 3: The distribution and redox chemistry of iron in the
Pettaquamscutt Estuary

114

ABSTRACT

A series of high resolution (10 cm) vertical profiles of iron were
determined across the oxic/anoxic boundary in the Lower Pond of the
Pettaquamscutt Estuary. Selective chemical treatments and multiple analytical
methods were used to determine the oxidation state and !ability of iron across
the oxic/anoxic boundary. The vertical distributions of dissolved and total iron
were determined by atomic absorption spectroscopy, and dissolved Fe(II) and
reducible iron were determined using a modified Ferrozine spectrophotometric
method. Well developed maxima of total dissolved iron

~

7.5 µM occurred

within the oxic/anoxic transition zone. Analysis of Fe(II) by the FZ method
indicates that more than 95% of the dissolved iron determined by atomic
absorption spectroscopy within the maximum is in the form of Fe(II). The
concentration of dissolved Fe(II) ranged from < 4 nM in oxygenated surface
waters to between 7 and 8 µ.M at the total dissolved iron maximum.
Ascorbic acid reduction of both dissolved and total iron samples was
performed to evaluate the !ability of iron in this system.

Dissolved iron is

quantitatively reduced to Fe(II) by 3.5 m, and particulate iron was almost
completely dissolved by 6 m. Thermodynamic speciation calculations indicate
that the dominant species of Fe(II) in the anoxic waters is the Fe(HS) + complex.
In addition the concentration of Fe(II) in the anoxic zone appears to be
controlled by precipitation of a sulfide phase. The ion activity product for waters
below 7 m is in good agreement with the solubility product of mackinawite.
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The vertical distribution of oxidation states of iron indicates nonequilibrium conditions due to microbiological and chemical processes occurring
in the redox transition zone. A one-dimensional vertical, eddy diffusion model
incorporates the redox reactions of iron, sulfide, and oxygen. This model
accurately predicts the distribution of Fe(II) across the oxic/anoxic interface.
This model identifies the processes and measurements that allow a more
complete quantitative understanding of the redox process occurring across an
oxic/anoxic transition zone.
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INTRODUCTION

Iron is the fourth most abundant element in the earth's crust and is
ubiquitous in natural systems. The chemical speciation of iron is of interest to
geochemists, since it influences the distribution of iron itself as well as other
surface active elements in natural waters (Martin et al., 1988). The chemical
speciation of iron in marine waters depends on the relative importance of a
variety of competing processes, including complexation with organic and
inorganic ligands, adsorption-desorption, precipitation-dissolution, ion exchange,
and oxidation-reduction (redox) reactions (Stumm and Morgan, 1981). Natural
systems with oxic and anoxic zones are of considerable interest, since iron can
undergo redox reactions at redox potentials < - 200 mV. Processes occurring
in an oxic/anoxic water column are similar to those occurring within pore waters
of sediments, consequently, studies of anoxic water columns can identify redox
process applicable to sediments. Aquatic, anoxic systems offer the opportunity
to perform detailed studies of redox process in an easily sampled environment.
An improved understanding of the nutrient and trace metal dynamics within
these systems may lead to an enhanced understanding of sediment diagenetic
processes and, hence, the sedimentary record.
The thermodynamically stable oxidation state of iron in oxygenated
seawater is Fe(III) which readily hydrolyses to form insoluble colloidal Fe(ill)
oxy-hydroxides. Reduction of Fe(III) to Fe(II) increases the solubility of iron by
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several orders of magnitude (Byrne and Kester, 1976a; b ). However, in highly
anoxic environments where considerable levels of hydrogen sulfide accumulwe,
Fe(II) may precipitate as an insoluble sulfide mineral (Emerson et al., 1982).
Consequently, redox reactions occurring at the oxic/anoxic transition zone can
influence significantly the chemical distribution of iron and other surface active
elements.
Although there have been many studies of the distribution of iron in
oxic/anoxic fresh water and seawater systems (Spencer and Brewer, 1971;Jacobs
et al., 1985; 1987; Shei, 1988; Landing et al., 1991), only a few studies employed analytical methods that yielded information on different redox states of iron
(Emerson et al., 1979; Jacobs et al., 1985; Landing and Westerlund, 1988;
De Vitre et al., 1986). This paper presents profiles of iron obtained from the
Lower Pond of the Pettaquamscutt Estuary which is a semi-permanent anoxic
basin. Specific chemical treatments of both dissolved (0.5 µm glass fiber, or a
0.4 µm Nuclepore filtered) and total metal samples were employed along with
analytical methods specific to the iron oxidation state to yield redox specific
information on the speciation of iron. This analytical approach was coupled to
a high resolution profiling effort to allow detailed characterization of the
transformations of iron across the oxic/anoxic interface. In addition this paper
presents a one-dimensional, eddy diffusion model for the distribution of iron in
this system which incorporates the kinetics and thermodynamics of reactions
involving iron.
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EXPERIMENTAL

Site Description

The Pettaquamscutt Estuary is a glacially carved, tidal estuary adjacent
to Narragansett Bay, RI (Figure 1). The estuary is comprised of three main
sections; the Upper Pond which has fresh water input from Gilbert Stuart
stream, the Lower Pond in which the flow is restricted to the north by a shallow
sill, 1 m depth, and to the south by a narrow channel, and finally, a river-like
channel 6.4 km in length which empties into Rhode Island Sound (Gaines, 1975).
The work presented in this paper was performed in the Lower Pond of the
Pettaquamscutt Estuary on a moored platform at the center of the basin(Figure
2). The basin reaches a maximum depth of 20 m at its center, and has a
permanently stratified water column that is strongly influenced by tidal exchange.
The water column can be divided into 3 layers; oxygenated surface waters 0 - 3.5
m, oxic/anoxic transition zone 3.5 - 6.0 m, and an anoxic bottom layer below 6.0
m. Complete ventilation of the anoxic bottom waters occurs once every 4-5 years
as a result of gradually reduced water column stability and intensive storm events
(Gaines and Pilson, 1972). More frequent, less intense meteorological events
may renew a portion of the anoxic waters but do not ventilate the entire basin
(Gains, 1975).
Water Column Sampling:

A detailed investigation into the physical, biological, and chemical
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Figure 1. The location of the Pettaquamscutt Estuary relative to Narragansett
Bay and Rhode Island Sound (Adapted from Liang, 1982).
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Figure 2. The bathymetry of the Lower Pond of the Pettasquamscutt Estuary
(Adapted from Gains, 1975).
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processes which influence the distribution of radiatively important trace gases
within the basin was conducted in the summers of 1990, 1991, and 1992.
Characterization of the microbiological community (Sieburth and Donaghay,
1993) and the chemical distribution of DMS, CO2, and CH4 (Scranton et al.,
1993) were conducted using a high resolution profiling system. Conventional
water sampling techniques collect water over the length of the sampling bottle
(0.5-1.0 m). In an effort to characterize the small scale gradients and the cooccurrence of chemical species and biological organisms, a fine scale profiling
system was developed by Donaghay et al. (1992) which allows sample resolution
on scales of centimeters. An initial CTD and electronic package (conductivity,
temperature, pressure, fluorescence, transmittance, and oxygen) cast was used to
define the vertical structure.

A second fine scale profile was performed,

obtaining chemical and biological samples at depths of interest identified during
the initial cast. The chemical and biological sampling system consisted of two
independent sampling tubes, one which was driven by an in situ pump and the
other by a siphon. The inlets for both the tubes were co-located with one
another and with the sensors on the instrument package. The siphon tube was
used for sampling dissolved gases since the siphon minimizes outgassing. Trace
metal samples were collected from the in situ pump line. A detailed description
of the sampling system and instrument package is given in Donaghay et al.
(1992).
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Trace Metal Sampling:

Samples for trace metal analysis were drawn from the in situ pump line,
1 cm (i.d.) black polyethylene. The line was split into two channels; one that
went to a flow-through Eh and pH electrode system, and the other went to a
sample filtration manifold. The manifold had six ports that were equipped with
47 mm Millipore™filter holders. The ports were activated by individual teflon
valves and interconnected by 0.65 cm (i.d.) Master Flex™tubing. The system was
acid rinsed prior to use. This arrangement allowed for sufficient versatility in
sample filtration, and facilitated changing the filters without slowing the sampling
effort. Total and dissolved (filtered through 0.5 µm glass fiber filters in 1990,
and 0.4 µm Nuclepore™ filters in 1992) metal samples were taken with this
apparatus.

Fe(II) Oxidation and Reduction Experiments:

Several experiments were conducted to determine the rates of Fe(II)
oxidation, and Fe(III) reduction in the Lower Pond of the Pettaquamscutt
Estuary to facilitate the development of a kinetic model for the distribution of
Fe(II) in this system. Seawater from different depths within the basin were
mixed together to yield different starting concentrations of Fe(II), 0 2, and H 2S.
The seawaters were combined in a 1 liter black, low-density, polyethylene bottle
that was thermostated to 22.0 ± 0.5 °-C. The bottle cap was fitted with two
sampling ports. One port was connected to an internal PVC bag. The other
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port was connected internally to a 0.32 cm (i.d.) teflon tube and externally to a
0.32 cm (i.d.) teflon tube with an inline Milex1'".,0.45 µm filter. To draw a
sample Milli-Q (MO) water was pumped into the internal bag causing it to
expand, forcing sample up and out of the teflon sampling line. This arrangement
allowed sampling of the system without the introduction of 0 2 during the course
of the experiment.
In each experiment the initial H 2S concentration was measured by a
colorimetric method (Cline, 1969), and the initial 0 2 concentration was
determined by Winkler titrations. The dissappearance of Fe(II) was followed for
90 minutes by determining the Fe(II) concentration with the ferrozine method.
Samples were taken every few minutes in the beginning of the experiment;
towards the end, samples were taken every 10 to 15 minutes. The oxidation rate
was calculated by the initial rate method to avoid possible complications
associated with secondary reactions (Frost and Pearson, 1961).

Reagents:
All the reagents used in this work were analytical grade ACS certified
reagents unless otherwise stated.

Trace metal clean techniques were used

throughout this work and all reagent preparations were performed in a class 100
laminar flow clean hood (Bruland et al., 1979). Reagent solutions were all
prepared in MQ water with a resistance 2::::18 Mn. The volume of MO used to
prepare the reagents was determined by weighing on a Sartorius top loading
126

balance.

All plasticware was cleaned with sequential soaking in 4 N HCl Baker

Instra Analyzed (BIA) reagent, 2N HNO 3 BIA, 2N HCl BIA, 0.5 N HNO 3 BIA,
and stored in 0.01N HCl Ultrex. Each acid treatment lasted at least 48 hours
with the final two acid steps being prepared directly in the bottle.

The

plasticware was rinsed three times with MO between each step.

Fe(ll) Analysis:

Continuous

flow analysis for

Fe(II)

was

performed

with

a

spectrophotometric method (Gibbs, 1976; Brown et al., 1983). The sample
stream was filtered through a 0.5 µm glass fiber filter followed by injection of a
4 x 10-3 M Ferrozine (FZ)/0.07 M ammonium acetate buffer solution (pH= 8)
into the sample stream with a sample to reagent ratio of 10:1. After passing
through two mixing coils, the absorbance of the Fe(II)(FZ)

3

complex was

determined at 562 nm. The absorbance was measured continuously and logged
to a PC/XT through an IBM 12-bit A/D board. The reagent stream was toggled
on and off to evaluate attenuation associated with particulate matter, and
dissolved constituents other than Fe(II) that may have absorbed at 562 nm. The
recovery determined by standard additions of Fe(II) to Pettaquamscutt water was
greater than 95% with a detection limit of 0.10 µmole of Fe(II)/1 seawater.
In 1992 the sampling effort was altered to gain more insight into the
speciation of Fe(II) in addition to characterizing its distribution. Rather than
performing Fe(II) analyses by continuous flow, discrete samples were taken at
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selected depths, and subjected to different chemical treatments. Samples were
taken for Fe(II) analysis and preserved immediately after filtration through 0.4
µm Nuclepore TM filters by the addition of 1 ml of 4 x 10·3 molar FZ reagent.

Additional samples were taken for ascorbic acid reducible dissolved (AARD),
ascorbic acid reducible total (AART), dissolved, particulate, and total iron. The
total and dissolved iron samples were acidified to pH < 2 with 0.5 N Ultrex HCl
and returned to the laboratory for analysis by atomic absorption spectroscopy.
The ascorbic acid samples were treated immediately with 10 µM of ascorbic acid
and allowed to react for 24 hours at room temperature. Prior to analysis, FZ
reagent was added and allowed at least 10 minutes for complex formation. All
of

the

samples

were

analyzed

on

a

Shimadzu

UV260

scanning

spectrophotometer. The detection limit was 4 nmole of Fe(II)/1 seawater for the
discrete samples using 10 cm cells. The detection limit is defined as three times
the standard deviation of the total blank, where the total blank was the sum of
the absorbance of the FZ reagent and the absorbance of the seawater without
FZ.

Total and Dissolved Metal Analysis:

The total and dissolved Fe and Mn were analyzed by graphite furnace
atomic absorption spectroscopy (PE 5000/HGA 500). The dissolved samples
were filtered into acid cleaned vials through 0.5µm glass fiber filters in 1990 and
0.4 µm NucleporeTM filters in 1992. Samples were acidified to pH < 2 with
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Ultrex HCl. The recoveries for Fe and Mn were > 95% with detection limits
of 90 nmolar. Only results from the Fe analyses will be presented.

Ancillary Chemical Analysis:

pH and the oxidation-reduction potential

(Eh) were measured

continuously in the field with a flow system, and during 1992 samples were also
drawn for pH and alkalinity measurements in the laboratory. The pH data were
utilized for calibration of the CTD pH sensor, to perform equilibrium
calculations, and to define the physical chemical state of the water column. pH
was measured with an Orion Research model 701A digital ion analyzer equipped
with an Orion Ross combination pH electrode. During the field portion of this
project the pH electrodes were calibrated before and after each profile with
National Bureau of Standards (NBS) buffers.
Eh was determined using a platinum combination electrode and a Corning
ion analyzer, model 250.

The redox potential was measured relative to a

Ag/ AgCl reference electrode with a 3 m KCl liquid junction. The pE was
calculated relative to the normal hydrogen electrode scale from Equation 1.
pE

=

Eh
2.303RTF- 1
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(1)

The uncertainty in the interpretation of pE in natural waters prohibits utilizing
this data for more than a general indicator of redox conditions. However, to
ensure a consistent response from the platinum electrode the surface was
polished between casts to reduce fouling. Dissolved oxygen was measured
continuously with an oxygen sensor on the CID and at each sampling depth by
Winkler titrations. Hydrogen sulfide was measured at each depth using the
spectrophotometric method of Cline (1969).
RESULTS

Water Column Characteristics of the Lower Pond:

The water column is highly stratified as a result of surface fresh water
input and solar heating. The structure can be seen in the temperature, salinity
and density profiles (Figure 3). The water column can be divided into three
distinct zones; a surface, oxygenated zone from Oto 3.5 m of low salinity, warm
water, an oxic/anoxic transition zone (OATZ) from 3.5 to 6.0 m where the
temperature changes rapidly, and, finally; a deep, sulfide rich zone from 6 to 20
m that is relatively homogeneous with respect to temperature and salinity. As
can be seen for the different years, the temperature and salinity characteristics
of the layers change. However, the three layers are stable features from year to
year (Figure 3 A and B).
The stability of the individual layers is also evident in the profiles for
oxygen and hydrogen sulfide from year to year (Figure 4 A and B) (Hardy,
1993). In both years the surface waters were near saturation with respect to
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oxygen and, the hydrogen sulfide profile within the deeper waters was nearly the
same. However, the depth range of the transition zone between oxygenated
waters and sulfide rich waters increased from 1990 to 1992. It is difficult to
assess whether this is a long term trend in the distribution of sulfide or oxygen,
since this layer can be influenced by isopycnal intrusion of waters as a result of
storm events. Although this layer may fluctuate in thickness from time to time,
the central depth of the transition zone is very stable. The transition zone was
located at nearly the same depth during studies twenty years prior to this one
(Gaines and Pilson, 1972).
The transition between oxidizing and reducing conditions is within this
layer. The stability of the depth at which the oxidation/reduction (redox)
potential of the system changes has been examined over a 24 hour period
(Figure 5). The depth at which pE = 0 was constant throughout the diel cycle,
however, the "redoxcline"was deeper at dusk possibly due to tidal changes. pH
exhibits little change over the diel cycle below 2 m, but changes in the surface
waters are most likely due to photosynthesis. The position and permanence of
the redoxcline and the pH profile can impact the distribution of iron, since these
parameters are important in iron oxidation and reduction reactions.

Distribution of Iron:

The distribution of dissolved iron was determined by atomic absorption
analysis. In 1990 three profiles of dissolved iron were taken over a diel cycle
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Figure 3. Hydrographic data for the Lower Pond of the Pettasquamscutt
Estuary. (A) 1990 field work; temperature( ■), salinity(+), and sigma theta(◊);
(B) 1992 field work; temperature(+),

salinity( ■),

depth axes are different.
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to see if biological activity would influence the dissolved iron maximum (Figure
6). All of the profiles exhibit maximum concentrations of dissolved iron at 4.9
m. This is slightly deeper than the dissolved Mn maximum (not shown). The
distribution of both metals below 4 m was independent of the diel cycle. Similar
ordering of dissolved metal maxima has been found in other anoxic basins
(Emerson et al., 1979; Jacobs et al., 1985; Burnett et al., 1989). Within the diel
profile series, the dawn profile exhibits elevated dissolved iron concentrations at
the surface and at about 3 m. This may be a result of an enhanced !ability of Fe
through photochemical and/ or microbial reduction.
The vertical distribution of Fe(II) was determined spectrophotometrically
by measuring the absorbance at 562 nm of the Fe(II)(FZ)

3

complex (Gibbs,

1976; Brown et al., 1983). The profiles of Fe(II) exhibited a sharp maxima at 5.3
min 1990 and at 5.9 min 1992 and were independent of the diel cycle below 4
m (Tables I and II). The distribution of Fe(II) was not determined in 1991. The
maximum concentration of Fe(II) was stable feature over the two week sampling
effort in 1992 (Figures 7 and 8). Analysis of Fe(II) by the FZ method indicates
that more than 95% of the dissolved iron determined by atomic absorption
spectroscopy within the maximum is in the form of Fe(II).
Several chemical treatments were employed to assess the !ability of iron
in the basin in 1992. Ascorbic acid (AA) was used to reduce iron to the plus two
oxidation state in different sample fractions which were then analyzed by the FZ
method. Treatment of dissolved metal samples with AA resulted in higher
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Figure 5. The diel changes in pH and pE were determined at a central station
in the Pettaquamscutt Estuary; Dusk 8/28/90
8/29/90 ( ♦ ).
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Samples were

filtered through 0.4 µm Nuclepore filters and analyzed by atomic absorption
spectroscopy.
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concentrations of reducible dissolved iron from O to 3.5 m (Figure 7), from 3.5
to 6 m it appears that all of the dissolved iron is in the plus two oxidation state.
Below 6 m it is not clear whether there is a significant difference between
dissolved Fe(II) and AA reducible dissolved iron concentrations. AA reduction
of total metal samples resulted in a similar increase in reducible iron
concentration as reduction of the dissolved metal samples from O to 6 m.
However, below 6 m there is a large pool of AA reducible iron in unfiltered
samples, indicating the presence of a pool of particulate matter that is readily
reduced. In all the profiles there is a nearly exponential decrease of iron below
6 meters indicative of precipitation of a sulfide phase. At the levels of hydrogen
sulfide present, the solubility of iron sulfide phases is exceeded leading to
precipitation and settling out of iron, which would result in a similar nearly
exponential removal profile.

Ki.neticExperiments:
A number of experiments were performed to determine the oxidation
rate of Fe(II) and the reduction rate for Fe(III) in the Lower Pond of the
Pettaquamscutt Estuary. Determination of these reaction rates was performed
to facilitate developing a kinetic model for the distribution of Fe(II) within the
basin. The initial conditions and results of the experiments are listed in Table
III. An initial rate method was used to calculate the observed pseudo first order
rate constant and half life for Fe(II) oxidation within the first ten minutes of the
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20.17
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20.83
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23.85
23.53
22.90
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22.31
21.82
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21.76

2.90
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3.80

3.85

. 3.90

4.22

19.10

23.94

2.00

23.80

19.09

23.96

1.50

2.77

19.07

23.97

1.00

19.11

19.07

23.97

0.48

23.89

19.07

24.03

0.25

2.50

(ppt)

(C)

(m)

Sal.

Temp.

Depth

8.14
8.09

11.64
11.66

104.7

7.28
7.26

13.15
13.34

-33.4

7.02
7.17

13.78
14.00

73.7

53.1
7.07

13.72

100.5

7.11

13.51

102.7

103.6

93.6

102.0
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101.1

99.8
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94.5

83.7

78.6

(mV)

Eh

7.28

12.85

7.51

7.74

12.34
12.49

7.98

8.11

12.00

11.68

8.10

8.20

11.64

11.67

8.19

pH

11.62

SigTheta
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BD

BD

0.03
BD

26
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BD
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187

222

BO

BD

233
224

BD

BO

BO

231

238

235

(,iM)

(µM)

(ILM)
BO

[Fe(II)]

CTD-O2

H2S

(,iM)

1.06

0.82

0.87

0.78

0.90

0.82

0.79

0.78

0.81

0.85

0.85

0.79

0.81

0.85

0.71

0.78

[OFe]

Table I. Water column characteristics and chemical species concentrations in the Lower Pond of the Pettaquamscutt
Estuary, September 4, 1990.
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19.75
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17.70
17.63
14.55

4.39

4.46

4.65
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4.95

5.30

5.50

6.00

112.6
344.8
432.5

-317.4
-325.1
-340.7

BD
BD

3233.4

-381.3

3262.4
8.64 26.39
20.46
7.06 -383.0
10.00
BDis used to designate below detection limit.
Dissolved Fe determined by atomic absorption spectroscopy.
. The concentration of Fe(II) was determined with the FZ method.
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1450
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BD
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0.00
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2.43

6.88
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1.70

8.08

2.86

2.41

1.03

1.17

1.18

1.09

1.03

1.02

0.40

0.33

0.48

0

1.36

{µM}

AAR [DFe]

1.35

1.05

1.18

1.27

0.32

1.21

1.07

BD
BD
BD
BD
BD
BD
BD
BD
BD
BD
BD

BD

1.12

BD

4

-12

6.84

0.46

BD

3

13

0.09

BD

-

0.06

199

0.13

{µM}

[Fe(II)]

"

in the Lower Pond of the

-

304

CTD-O2

H2S

Eh

6.91

6.95

7.56

8.19

pH

BO is used to designate below detection limit.

21.17

27.36

20.73

20.50

17.36

17.05

16.71

16.12

23.43

20.32

15.89

15.43

15.17

14.48

13.77

10.53

5.93

SigTheta

4.50

23.14

22.98

Sal.

Temp.

Depth

Table II. Water column characteristics and chemical species concentrations
Pettaguamscutt Estuary, August 21, 1992.

Figure 7. The vertical profile of dissolved Fe(II) on 8/21/92 in the Lower Pond
of the Pettaquamscutt Estuary, ( +) ascorbic acid reducible dissolved iron, and
( ◊) dissolved Fe(II).
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Figure 8. The vertical profile of dissolved Fe(II) on 8/24/92 in the Lower Pond
of the Pettaquamscutt Estuary, ( t>) dissolved Fe(II), and ( x) ascorbic acid
reducible total iron.
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reaction (Figure 9). This was done to avoid complications associated with
secondary reactions involving
formed.

Hp 2 or reduction of Fe(III) that was being

This also provided the best comparison with respect to reaction

conditions between these experiments and the experiments performed by Millero
et al. (1987). In the first experiment the combination of waters resulted in an
Fe(II) concentration below our detection limit.

For the remaining three

experiments mixtures of oxygenated water from 2.0 m with water from 5.5 and
5.7 m resulted in oxidation rates for Fe(II) which are in good agreement with
rates calculated from Millero et al. (1987). The oxidation rate of Fe(II) in the
mixture of 2.0 m and 5.9 m seawater (depth of Fe(II) maximum) was two times
slower than what would be predicted from the literature. Although the initial
rates for experiments OEl and OE2 are in good agreement with Millero et al.
(1987), after this period the rates decrease and are nearly identical.

For

experiment OE3 there is no change from an initial rate to a later reaction rate,
but the rate is nearly the same as the later stages of OEl and OE2 (Figure 10).
This could be a result of different reaction rates for Fe(II) sulfide complexes
relative to free Fe(II), and chloride and sulfate complexes. Another posibility
is that as the reaction proceeds the Fe(III) produced may be reduced by the
sulfide, decreasing the observed oxidation rate. Experiment OE3 had the highest
levels of H:,$, consequently, reduction of Fe(III) may have been occurring at the
onset of the experiment. These may be the reasons the initial rate in OE3 does
not agree with the rate calculated from the literature. Futher experimental work
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U\
0

1--'

OE3

OE2

OEl

Experiment

+ 5.9 m, 405 ml

2.0 m, 640 ml

+ 5.7 m, 300 ml

2.0 m, 600 ml

+ 5.5 m, 345 ml

2.0 m, 400 ml

Mixture

7.50

7.42

7.57

pHNBS

200

210

16.2

2.8

-

"M

"M
188

[H2S]

[02]

Initial Conditions

3.96

1.45

1.24

"M

[Fe(II)]

0.013

0.027

53.3

25.7

14.8

min

min-1
0.047

t½, obs

kobs

Observed Rate

0.029

0.026

0.047

min-1

kca1c

23.6

26.5

14.8

rmn

t½, calc

Calculated Rate

by 0 2 from Millero et al. (1987) were used to determine the calculated rate constant and half life of Fe(II).

calculated by the initial rate method assuming pseudo first order conditions. The algorithms for the oxidation of Fe(II)

Table III. Initial concentration of chemical species for the oxidation experiments. The observed oxidation rate was

Figure 9. Concentration versus time plot for the oxidation of Fe(II) in the
Lower Pond of the Pettaquamscutt Estuary. ( •) 2.0 m + 5.9 m, ( •) 2.0 m + 5.7
m, and

( ■)

2.0 m + 5.5 m.
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examining the oxidation rate of iron sulfide complexes is needed to clarify this
difference. Experiments were conducted to determine the rate of reduction of
Fe(ill) in the Lower Pond of the Pettaquamscutt Estuary. The reduction rate
was sufficiently fast (5 µM added Fe(ill) was completely reduced within 10
minutes) that we were unable to determine the rate during these experiments.
DISCUSSION

Vertical Distribution of Various Analytical Fractions of Iron:

The distribution and chemical speciation of iron in this system is governed
by the redox transitions that it undergoes within the OATZ. Selective chemical
treatments of samples and multiple analytical methods were employed to
quantify the changes in the redox state and lability of iron across the OATZ.
Profiles of various analytical fractions of iron in this system exhibit two dominant
features. The first is the distinct maximum in iron at the redox boundary, and
the second is the nearly exponential disappearance of this feature in the deeper
waters. These features are driven by the redox speciation of iron within the
water column of the Lower Pond. The speciation changes in different regions
of the water column are consistant from year to year.
In the surface waters iron is mainly bound as particulate iron oxyhydroxides, however, about 30% of the total iron can be reduced by ascorbic acid
and between 5 and 10% is Fe(II) (Table IV). On several occasions during the
daylight sampling in 1990 and 1992, low concentrations of Fe(II) were observed
in the surface waters. Fe(II) in these waters can come from several possible
153

Figure 10. First order rate plots for the the oxidation of Fe(II) in the Lower
Pond of the Pettaquamscutt Estuary. ( •) 2.0 m + 5.9 m, ( •) 2.0 m + 5.7 m, and
(■)

2.0 m + 5.5 m.
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sources including, turbulent diffusion from the maximum, microbial reduction,
or photochemical reduction. Since the surface waters are highly colored and
contain high levels of organic carbon it is likely that photochemical reduction of
Fe(III) is occurring (Cunningham et al., 1985; Sulzberger et al., 1989). Microbial
reduction of iron has not been observed in oxygenated surface seawaters. The
only remaining source would be turbulent diffusion from below, and oxidation
dominates over eddy diffusion in this system (see model section below).
Consequently, photochemical reduction of Fe(III) species is the most likely
source.
Photoreduction followed by oxidation can continuously produce a pool of
labile iron in the surface waters. In an effort to examine this hypothesis, various
sample fractions were treated with ascorgic acid (AA). AA is generally believed
to only reduce colloidal and dissolved Fe(III) species (Elrod et al., 1991). The
lack of a difference between the AAR DFe and AAR TFe treatments in the
surface waters suggests that there is about 0.2 ± 0.1 µM of reducible iron in the
upper 3 m and 1.0 µM of refractory iron (Table IV and Figures 7 and 8). As
one moves closer to the Fe(II) maximum the [Fe(II)], [DFe], and [AAR DFe]
are nearly the same, indicating that any Fe(III) is being reduced to Fe(II).

In

addition the [AAR TFe] and the total Fe concentration determined by atomic
absorption converge to nearly the same value at the Fe(II) maximum suggesting
that the majority of the refractory Fe has undergone reductive dissolution. These
measurements support the notion that iron is almost completely transformed to
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Vl
---.:i

0.3 ± 0.1 [7]
1.8 ± 0.5 [8]
11.5 ± 0.6 [1]
7.1 ± 1.7 [4]
--

0.4 ± 0.1 [4]
1.1 ± 0.1 [7]
6.9 ± 0.3 [1]
2.4 ± 0.1 [1]
0.8 ± 0.4 [3]

1.2 ± 0.1 [7]
8.3 ± 0.2 [2]
1.7 ± 0.09 [1]
0.2 ± 0.1 [3]

Above Fe(II) Maximum

At the Fe(II) Maximum

Below the Fe(II) Maximum

Deep Waters > 9 m

[AAR TFe] µM

[AAR DFe] µM

0.1 ± 0.04 [3]

[Fe(II)] µM

Surface Layer

Region

1992 Field Work

profiles taken in 1991 and the AAR and Fe(II) profiles are from 1992.

I
I

! 0.7 ±

II

0.07 [3]

II 3.2 ± 1.0 [1]

7.4 ± 0.3 [3]

1.3 ± 0.5 [4]

0.2 ± 0.09 [8]

[DFe] µM

0.7 ± 0.08 [4]

4.7 ± 1.4 [2]

9.9 ± 0.8 [3]

3.0 ± 0.5 [4]

1.4 ± 0.2 [9]

[Total Fe] µM

1991 Field Work

strata, the numbers in brackets are the number of samples that were averaged. The dissolved and total iron data are from

are the average ± the standard deviation of the concentration of samples collected within the specified water column

Estuary. The columns labeled with AAR have been treated with ascorbic acid to reduce Fe(III) to Fe(II). The values

Table IV. Concentration of iron observed in various analytical fractions from the Lower Pond of the Pettaquamscutt

labile Fe(II) and colloidal iron as it passes through the water column.
In 1992 there was no difference between the Fe(II) concentration and the
concentration of the different ascorbic acid reducible fractions below a depth of
3.5 m.

The vertical profile of Fe(II) from 3.5 m to the bottom in different

sampling years exhibited the same general features. The iron that comprises the
maximum in dissolved iron is nearly all Fe(II) (Figure 11). The dissolved iron
maximum of 7-8 µMis similar to Sannich Inlet (1 µM; Emerson et al., 1979),
higher than Framvaren Fjord (900 nM; Landing and Westerlund, 1988) and
considerably higer than the 300-400 nM observed in the Cariaco Trench (Jacobs
et al., 1987) or the Black Sea (Lewis and Landing, 1991). Coincident with the
maximum in Fe(II) is an increase in the concentration of AAR TFe (Figure 8).
This could indicate either further break down of refractory iron oxy-hydroxides
accumulating at this depth or the release of intracellular iron as a result of lysing
of microbial cells in the presence of AA.
The nearly exponential removal of Fe(II) below 6 mis likely the result of
precipitation of insoluble iron sulfide phases. The appearance of fine grey-black
particles on the filters from below the Fe(II) maximum indicates iron sulfide
precipitation. In addition the difference between the concentration of Fe(II)
determined with the FZ method and dissolved Fe determined by atomic
absorption analysis suggests an iron phase that is unavailable to FZ (Table IV).
Potentially this could be a result of the iron being in the plus three oxidation
state, however the observed concentrations greatly exceed the solubility of
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Fe(III). It is probable that this is a result of the formation of amorphous FeS
which does not react with FZ. It is unlikely that more ordered iron sulfide
phases are present at significant levels at this depth, since particulate material
analyzed by X-ray diffraction did not indicate the presence of an ordered mineral
phase.
Thermodynamic Speciation of Fe(Il):

Recently, there has been an increased interest in the role metal sulfide
complexes have in metal and sulfide environmental chemistry. The observation
of trace levels of hydrogen sulfide in oxygenated surface seawater (Cutter and
Krahforst, 1988;Luther III and Tsamakis, 1989),has prompted speculation about
sulfide stabilization by trace metal complexes. In addition there is considerable
evidence suggesting that iron sulfide complexes are important precursors to iron
sulfide precipitation (Rickard, 1989). Since there are elevated concentrations of
hydrogen sulfide in the presence of high concentrations of Fe(II) in the Lower
Pond of the Pettaquamscutt Estuary and the various iron profiles suggested iron
sulfide precipitation, we performed equilibria calculations to evaluate the
importance of metal sulfide complexes in this system.

The

equilibria

calculations began with a consideration of ion pair formation between the major
ions in seawater. The free ionic concentrations of the major ions in seawater
were calculated using the method described by Kester (1986). Utilizing the
relationships developed by Millero and Schreiber (1982) for the calculation of
stoichiometric ion-pairing constants in seawater, and the iterative calculations
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Figure 11. Vertical profiles of F e(II) ( ■) and dissolved iron ( + ).

F e(II) was

determined with the FZ spectrophotometric method and dissolved iron was
determined by atomic absorption spectroscopy. Greater than 95 % of the
dissolved Fe at the maximum is Fe(II). The concentration of dissolved Fe is 65
% of the pre-storm concentration (Figure 6) and the maximum is deeper.
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described by Kester (1986), the free ion molalities of the major ions in seawater
can be calculated.

The free ion molalities were then combined with

stoichiometric stability constants calculated as a function of temperature and
ionic strength to determine the importance of different Fe(Il) complexes (Turner
et al., 1981).
The iron species considered in these calculations along with the value of
the equilibrium constants are give in Table V. The dominant iron species shift
from free Fe 2 + and complexes with c1·and SO/"to complexes involving sulfide
species with depth in the water column (Figure 12). This shift is driven primarily
by the distribution of hydrogen sulfide within the basin. This is more clearly
seen in Figure 13 which shows the distribution of the species with the largest
fractional abundance. It is clear that hydrogen sulfide complexes with Fe(II) are
important in the speciation of iron in the Lower Pond of the Pettaquamscutt
Estuary. Identifying Fe(HS)
important, since Fe(HS)

2

+,Fe(HSh and Fe:z(HS)3 + as abundant species is

has been suggested as a precursor to formation of

amorphous FeS, and FeHS

+

has been suggested as a precursor to pyrite

formation (Luther, 1991).
Solubility Control of Fe(II):
In systems where Fe(II) and sulfide reach sufficient concentrations the
solubility of an FeS phase may be exceeded. There are a number of FeS phases
that may precipitate. Amorphous ferrous sulfide readily precipitates and is one
of the more soluble metal sulfides having a pKsp ~ 3 (Emerson et al., 1983). If
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Table V. Chemical reactions considered in the equilibria calculations for the
Lower Pond of the Pettaquamscutt Esturay. Equilibrium constants are for 25 ° C
and I= 0.67.
Reaction
Fe 2 + + Cl - = Feel+

Fe 2 + + so;-

= Feso;

Fe 2 + + F- = FeF+

Fe 2 + + co;-

Fe 2 + + OH-=

= Feco;

FeoH+

Fe 2 + + 2OH- = Fe (OH);

Fe 2 + + 3OH- = Fe (OH) 3

Fe 2 + + 4OH- = Fe (OH)~-

Fe 2 + + HS-=

FeHS +

Fe 2 + + 2HS- = Fe (HS);

LogK

Reference*

-0.30

TWD

0.80

TWD

0.80

TWD

3.32

TWD

-9.80

TWD

-21.00

TWD

-31.09

TWD

-45.31

TWD

6.14

LF

7.77

D

9.89

LF

* TWD is Turner, Whitfield, and Dickson (1981), LF is Luther and Ferdelman
(1993), and D is Dyrssen (1988).
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precipitation of a metal sulfide is occurring, it is likely to form amorphous
ferrous sulfide since there is little kinetic inhibition to its precipitation.
Amorphous ferrous sulfide is relatively soluble, and measurable Fe(II) and/or
sulfide concentrations can be maintained in the water column while precipitation
is occurring. In the Lower Pond of the Pettaquamscutt Estuary, sulfide appears
to be controlling the precipitation.
At the pH of natural waters, about 7, sulfide is in the form of bisulfide.
Although over the years determinations of the second dissociation constant for
hydrogen sulfide have ranged from pKs of 12 to 19, the recent determinations
have converged to pK 2 = 17.3 ± 0.3 (Davison, 1991). This is considerably
different from the previously, frequently used value of pK 2 = 14. Since the
second dissociation constant is so small, nearly all of the sulfide present in
natural systems is in the form of Hs- . Thus it is reasonable to represent the
solubility product involvingHs- (Davison, 1980) rather than s 2-. The solubility
product of ferrous sulfide for this work is represented by the following equation:
H+

+

F eS = Fe 2+

+

HS -

(2)

The apparent solubility product is then given by:
[Fe 2 +Ji[HS 1t
(H +)
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(3)

Figure 12. The fractional abundance of Fe(II) species at selected depths in the
Lower Pond of the Pettaquamscutt Estuary.
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Figure 13. Distribution of the major Fe(II) species in the Lower Pond of the
Pettaquamscutt Estray. The depth axis is not linear.
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where the bracketed species represents the total concentration of the ions and
-

pH = -log (H +) on the National Bureau of Standards scale (parentheses indicate
activity and brackets indicate molal concentration).

In this study, the

concentration of Fe(II) and the pH were determined simultaneously. The
concentration of Hs- was calculated from the accompanying profile of total
sulfide using a pK 1 = 6.68 (Millero, 1986). This facilitated calculation of the ion
concentration product (ICP) by the following equation:

ICP -

[Fe 2+]t [HS ·'Ji

(4)

(H+)

This can be related to the ion activity product (IAP) through the activity
coefficients ( y) of Fe(II) and Hs-.
(5)
The measured ICP and IAP can only be equated with Ksp' and Kspif equilibrium
conditions exist. Assuming equilibrium conditions and using values for the
activity coefficients of Fe(II) of 0.228 and HS-of 0.47 (Davison, 1980) and
applying equation 5 in log form
I

- pKsp

+

0.98

(6)

results in a pICP value of 2.71 ± 0.23 and a pK 5P of 3.69 ± 0.23 for waters below
6 min the Lower Pond of the Pettaquamscutt Estuary (Figure 14). The nearly
constant value for the pICP below 7 m coincident with changing Fe(II) and Hs-
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concentrations suggests that the concentration of dissolved Fe(II) is determined
by the solubility of Fe(II)S phases. A recent recalculation of the solubility
product constants for a number of ferrous sulfides was performed by Davison
(1991) (Table VI). The calculated pKsp of 3.69 in the Lower Pond below 7 m
is similar to that of mackinawite (pKsp = 3.85) observed in the Black Sea
(Davison, 1980) and to that for mackinawite in the recent compilation pKsp =3.6
± 0.2.

The profile of pIAP in 1990 also suggests the formation of an amorphous
FeS between 5 and 7 m, since the pIAP is similar to the

pKsp of 3 for

amorphous FeS. Laboratory studies of precipitation of ferrous sulfides suggest
the formation of an amorphous phase first, followed by an aging process leading
to mackinawite (Rickard, 1989). Rickard (1989) observed the composition of the
initial precipitate, which approached Fe(SH)z and included varying amounts of
water and hydrogen sulfide. Within milliseconds the precipitation reaction
became slow enough that a second reaction was observed. The second reaction
involved the loss of hydrogen sulfide from the initial precipitate. This is the
onset of ordering in the precipitate and the first stage of crystal growth.
Mackinawite has been suggested as the first crystalline product of this process
in sulfidic waters without oxidizing agents (Rickard, 1969; Morse et al., 1987).
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Figure 14. The ion activity product of Fe(II)S as a function of depth in the
Lower Pond of the Pettaquamscutt Estuary; ( D) 1990, ( +) 1992, dashed line is
the pIAP of mackinawite (I = 0, T = 25 ·C), and the dotted line is the pIAP for
the Black Sea (I = 0.45, T = 9 °C).
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Table VI. Solubility product constants for ferrous sulfide phases at 25 ° C and
using the NBS pH scale (Davison, 1991).
Mineral

P¾,NBS

Troilite

5.25 ± 0.2

Mackinawite

3.6 ± 0.2

Amorphous FeS

2.95 ± 0.1

Pyrrhotite

5.1 ± 0.15

Greigite

4.4 ± 0.1

Pyrite

16.4 ± 1.2
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One-dimensional Eddy Diffusion Model for the Distribution of Fe(//):

The persistance of the Fe(II) maximum from year to year suggested that
a kinetic model could be useful to gain a better understanding of the rates of the
processes that lead to the maximum. The model incorporates chemical and
physical processes that may affect the distribution of chemical species in the
Lower Pond of the Pettaquamscutt Estuary. Coupling the model-generated rates
with the rates of processes determined in the laboratory can lead to a test of our
understanding of processes in a natural system. Although this approach has been
used a number of times for manganese (Egeberg et al., 1988; Johnson et al.,
1991), it has not been applied to the distribution of iron in anoxic waters. The
stability of the water column in the Pettaquamscutt Estuary along with the
persistance of the Fe(II) maximum with time are nearly ideally suited for a
modeling effort, since a steady-state approach can be employed. In addition the
reactions which may influence the distribution of Fe(II) are relatively rapid.
This is important since the rates of the chemical reaction must be fast relative
to the residence time of water in the basin. It is clear from the profiles of
various chemical species that the system is inherently stable and that assuming
steady-state is as unambiguous as it is likely to get for natural systems. However,
episodic events (intrusion of water during storms) also impact the distribution of
species in the Lower Pond. In the model presented below these episodic events
are ignored, since the current data sets do not provide sufficient information to
include these undoubtedly important events.
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The model calculations have been performed with the aid of a computer
program written in the Turbo Pascal environment. The program generates the
initial conditions from a series of user defined constants and several input files.
The first input file contains the depth profiles for sulfide and oxygen. The
second file contains the vertical profiles of temperature, salinity, Eh, pH, and
sigma theta. These data are interpolated to a consistent depth grid for all
subsequent calculations. The time rate of change in concentration of a chemical
species is calculated with a one-dimensional, vertical eddy diffusion model.
Horizontal advection is neglected, since measurements of several chemical
species concentrations along a transect across the basin indicates that the
horizontal concentration gradients are small. Vertical advection of chemical
species may occur, since intrusive events may promote diapycnal mixing, but due
to the lack of data these events are neglected. The resulting general equation
for the time rate of change in concentration for species c is (Gargett, 1984):

-ac= K (-)&c

at

&2

z

aKZ

+ --

ac +

0C
V- + [ChemicalReactions]

07, O'L

s

oz

(7)

where the first two terms on the right are due to eddy diffusion, the first is
analogous to Fickian diffusion and the second term arises from the vertical
variation in ~- The third term arises from particle settling, and the final terms
are the mathematical representations of chemical reactions in which species c
may participate. Species c can be any chemical species, this model calculates the
concentrations of 0

,
2

Fe(III), Fe(II), H O particulate iron oxy-hydroxides,and
,

2
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particulate iron sulfide. For the model calculations, the red ox cycle of iron is
simplified to consider four chemical species, dissolved Fe(II) and Fe(ID), and
particulate iron oxy-hydroxideand iron sulfide. These species are the dynamic
variables of the model. The chemical reactions and processes which influence
their distribution included in the model are oxidation of Fe(II), reduction of
Fe(ID), precipitation and dissolution of iron oxy-hydroxides,precipitation and
dissolution of iron sulfides, and oxidation of hydrogen sulfide (Table VII).
During the early model work it became evident that the distribution of
hydrogen sulfide was not significantly influenced by the iron redox cycle. The
distribution of hydrogen sulfide was maintained as a static profile based on the
field data. In addition the concentration of 0 2 at 1 meter was maintained at 300
µM which is about 10 % supersaturation. The only other boundary condition on

the model was that the sedimentation flux of Fe was held constant.

The

mathematical representation of the physical and chemical processes included in
the model are described in more detail in the sections that follow.
The continuous differential equations for the time rate of change in
concentrations of each chemical species are solved by a finite difference method.
The vertical coordinate is divided into a number of finite volumes, and an
average concentration of each species is assigned to each volume. The spatial
derivatives, a/& are replaced with finite differences, and the time derivatives
a/at are replaced with small finite time steps. The model iteratively calculates

eddy diffusion and chemical reactions at each time step and depth interval. With
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Table VII. Chemical reactions included in the model.
Reaction

Rate Constant
Evaluation Method

Oxidation
Cale. Millero et al.
(1987)
2Fe 2 + +H20 2

Cale. Millero &
Sotolongo (1989)

2Fe 3 + + 20H-

-

Cale. Millero (1991)
2HS- + 30 2

-

2So;- + 2H+

Reduction§
Fe(OH); + HS- + H 20 -

O

Fe(OH); + S + OH-

Very fast1

Dissolution
2H+ + FeOOH -

FeS + H+ -

Fe 3 + +OH-+

H 20
Very Slow, (0 2] > oP.,f

Fe 2 + + HS-

Precipitation
Fe 2 + + HS- -

Model Fit

FeS + H+

Fe 3 + + H 20 + 30H- -

FeOOH + 2H20

Very Slow+

§ This reaction is written to reflect the stoichiometry of the reaction considered
in the model. The oxidized sulfur species are represented by elemental sulfur.
:t: The dissolution of iron oxy-hydroxide phases was only allowed to occur in
waters with measurable hydrogen sulfide levels.
P. Dissolution of iron sulfide phases was only allowed to occur in oxygenated
raters.
•
The rate constant for the reaction was set at a constant value which was near
the diffusion limited value.
The rate constant for the reaction was set at a constant value which was very
slow.
177

this approach care must be taken to not select too large of a depth interval or
time step since instabilities may develop. The model was run with a 60 second
time step and a 25 cm depth interval. The criteria used to determine when
steady state had been achieved was less than a 0.1% change in F e(II)
concentration over 2 hours. A 30 day simulation with a 25 cm depth interval and
a 60 second time step required less than 30 minutes on a 486/33 MHz IBM
compatible PC.

Processes Included in the Model:
Turbulent Diffusion-- The vertical turbulent transport of a chemical species

in stratified systems is complex and non-linear. Consequently, it is generally
modeled analogous to Fickian diffusion characterized by an eddy diffusivity ~'
the eddy diffusivity is generally assumed to be constant. In highly stratified
aquatic systems where the dissipation of internal waves drive turbulent mixing
processes, there is growing evidence that the eddy diffusivity is not constant. In
these systems the eddy diffusivity can be treated as a decreasing function of
buoyancy frequency, N, which is a measure of the vertical restoring force of the
system (Gargett, 1984):

(8)
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where p is the density and g is gravitational constant. The surface waters were
well mixed resulting in the absence of structure in the density profile (Table I).
For the well mixed regions, the density profile was adjusted by ± 0.04 sigma
theta units for the buoyancy frequency calculation. This resulted in a

~

of 0.2

cm2/sin well mixed regions of the water column. The eddy diffusion coefficient
is given by:
(9)
where a. and q are constants that are site-specific, since they depend on the
amount of energy in the internal wave field and the efficiency of the break down
mechanisms that lead to turbulent mixing. There are a number of assumptions
inherent in utilizing this characterization of the eddy diffusion coefficient
(Gargett, 1984). Perhaps the most important one is that turbulent mixing is
dominated by a steady-state internal wave field. Consequently, the events which
generate the internal wave field, tidal movements and wind events, are assumed
to average over time to produce a steady-state with respect to the kinetic energy
within the internal wave field. In such systems q has a fairly well constrained
range, 0.8 s; q s; 1.2. The determination of q has been performed for both fresh
and salt water systems and derived by heat budgets, salinity budgets, and dye
studies (Table VIII). The value of q calculated from salinity budgets is the best
constrained, since salinity has no sources or sinks at the sediment water interface.
The value of q used in the model runs for this work was 1. The value of a . was
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1.5 x 10- 3 and was determined by balancing the diffusive flux of 0 2 from below
the mixed layer with the flux of 0 2 across the air-sea interface. Since the surface
20.25-0.50 m is well mixed and has a constant 0 2 concentration, the flux of 0 2
from below the mixed layer must be balanced by the exchange of 0 2 with the
atmosphere. By considering the air-sea flux of 0 2, the 0 2 concentration gradient
and the density gradient at the base of the mixed layer, and assuming a value of
q equal to 1, a. can be calculated (Hardy, 1993).
Particulate Fe Settling rate--The settling rate for particulate matter was

constrained with the sedimentation flux of Fe. Provided the system is in steady
state the flux of Fe into the sediments must equal the flux of Fe coming into the
surface waters. The sedimentation rate in the Lower Pond is 2.9 mm/year (E.
Mecray personal communication). Using an average density of 3.5 g/cm 3 for
sediments, and assuming 5% of the sediment mass is iron, the flux of iron into
the sediments is 2.3 x 10·12 moles of Fe/ cm2/ sec. The settling velocity (cm/sec)
was calculated at each depth interval by dividing the above flux by the
particulate iron concentration in moles/ cm3 at the appropriate depth.
Combining the particle settling velocity with a consideration of changes in
particle composition across the oxic/anoxic interface a profile of particle size can
be calculated using Stokes Law, where a = the hydrodynamic mean particle
radius; dP

=the

density of the particulate matter; dsw

= the

density of the

seawater; g = gravitational constant; and 11= the coefficient of viscosity.
Above the OATZ the density of geothite was used and below the anoxic
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(10)
zone the density of troilite, an iron sulfide phase, was used. The resulting
vertical profile of hydrodymanic mean particle radius exhibits the same features
as a similar calculation of particle size for manganese particulate matter in an
OATZ, (Figure 15) (Egeberg et al., 1988).
Hydrogen Sulfide oxidation--- The oxidation of hydrogen sulfide was

modeled as a second order reaction.
_-a_(Hi_S_]t
= le

c3t

-iizS

[O ]J"US]
2

(11)

L... "'2 t

The oxidation is first order with respect of oxygen and hydrogen sulfide. For
species contained in brackets the molar concentrations were used, and for
hydrogen sulfide the total concentration determined by (Hardy, 1993) using the
colorimetric method of Cline (1969). The rate constant was calculated at each
depth interval as a function of temperature (5 to 65 ° C), ionic strength (0 to 6
M) and pH (4 to 8) by Millero (1986):

log ~s

=

10.50

+

0.16pH -

3
~(>3

+

0.44.jf

(12)

Fe(II) oxidation---Fe(II) oxidation is dominated by reactions with oxygen

and hydrogen peroxide in aquatic systems. A generally accepted mechanism for
the oxidation of Fe(II) in aquatic systems is the Haber-Weiss mechanism, which
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involves rate limiting reactions with 0 2 and H 20 2, and fast reactions with
superoxide ion and hydroxyl radical. The oxidation rate of Fe(II) in mixtures of
waters from different depths in this system was determined in laboratory kinetic
experiments. The rates were in good agreement with oxidation rates calculated
based on the algorithms developed by Millero et al. (1987), Table IV. These
algorithms were used to calculate the rate constants for the oxidation of Fe(II)
by oxygen and hydrogen peroxide at each depth. The oxidation of F e(II) by
oxygen was treated as first order with respect to oxygen and Fe(II), and second
order with respect to hydroxide ion:
-a[Fe(II)]

at

= 21r [Fe(Il)][O ][OH-] 2
2

~2

(13)

Log k02 was calculated from the following algorithms (Millero et al., 1987):
log

ko = log k.
2

log k•

- 3.29/f.

+

1.521

= 21.56 - --1546
T

(14)

(15)

where I is the ionic strength and T the temperature in Kelvin. The factor of
two arises from a second fast oxidation reaction between Fe(II) and superoxide.
The oxidation of Fe(II) by hydrogen peroxide was treated as first order with
respect to Fe(II), hydrogen peroxide, and hydroxide ion:
-a[Fe(Il)]
at

=

21c

[Fe(II)]™ 0 ][OH-]

A"HzOz
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L.. "'2

2

(16)

Log kHooHwas calculated from the following algorithm (Millero and Sotolongo,
1989):
log

~OOH

= 11.72 - 2.14yl

+

(17)

1.381

where I is the ionic strength and the factor of two comes from the subsequent
fast reaction between Fe(II) and hydroxyl radical.

The hydroxide ion

concentration was calculated from the measured pH and ~·

of seawater

calculated for the proper temperature and ionic strength at each depth (Millero
et al, 1987). In the surface waters the dominant oxidant of Fe(II) is oxygen
however at the beginning of the Fe(II) maximum the redox cycling of Fe(II)
could lead to the accumulation of hydrogen peroxide. A night-time profile of
hydrogen peroxide in August of 1990 exhibited a maximum concentration at 3
m of 120 nmole H 20 2/kg (Bill Miller, personal communication). Consequently,
oxidation of Fe(II) by hydrogen peroxide was included in the model. The
concentration of H 20 2 was calculated from the oxidation of Fe(II) during the
model runs.
Fe(III) reduction---The reduction of Fe(III) was modeled as a second

order reaction, first order with respect to both sulfide and dissolved Fe(III).

Table VIII. Estimations of the parameter q for different aquatic systems.
Author

q

System

Estimation
Method

Jassby and Powell (1978)

0.8 ± 0.04

Lake

Heat budget

Quay et. al. (1980)

0.92 ± 0.06

Lake

Heat budget

Quay et. al. (1980)

0.88 ± 0.16

10 Lakes

Heat budget

Svensson (1980)

1.2

Fjord

Salinity
budget/dye

Smethie (1980)

1

2 Fjords

Salinity budget

Lewis and Perkin (1982)

1.2

Fjord

Salinity budget
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Figure 15.

Hydrodynamic mean particule radius calculated form the

sedimentation flux of iron and the particulate iron distribution in the Lower
Pond of the Pettaquamscutt Estuary.
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a

The value of

kFe(III)

was determined by the best fit of the model to the Fe(II)

profile data.

Precipitationof Solid Phases---The model considers formation of two solid
phases, precipitation of iron sulfides and iron oxy-hydroxides. Precipitation of
iron sulfide was modeled as first order with respect to total sulfide concentration.
Iron oxy-hydroxide formation was modeled as first order with respect to the
dissolved Fe(III) concentration. Rate constants for the reactions were selected
based on the best fit of the model to the Fe(II) profile.

Dissolutionof Solid Phases---Dissolution of iron oxy-hydroxidewas treated
as a second order reaction. The reaction was considered to be first order with
respect to the concentration of particulate iron oxy-hydroxidesand total sulfide.
Dissolution of iron sulfide was modeled as a first order reaction with respect to
the concentration of particulate iron sulfide. The initial concentrations of the
particulate phases were generated by partitioning the particulate iron determined
by atomic absorption analysis between the two phases. All particulate iron
occurring above an Eh of -200 mVolts was considered iron oxy-hydroxide and
below an Eh of -200, iron sulfide. The rate constants were determined by the
best fit to the Fe(II) profile.

PredictedFe(II) Concentrations---The model simulates the most important
freatures of the Fe(II) profile observed in the Lower Pond of the Pettaquamscutt
Estuary (Figure 16). These are the concentration and depth of the maximum as
well as the onset of the maximum. The greatest deviation between the predicted
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and observed profiles of Fe(II) occurs below the maximum between 6 and 7 m.
The model removes Fe(II) through the precipitation of iron sulfide more rapidly
than appears to be occurring in the basin. The values of the paramaters which
resulted in the best fit are given in Table IX.
In order to generate an Fe(II) maximum at the appropriate depth, the
sulfide profile was maintained as a constant. Diffusion of sulfide from below
reached depths as shallow as 3 m prior to achieving a steady state by oxidation
with oxygen. This resulted in an Fe(II) maximum at 4 meters far shallower than
observed. It appears that the dominant sink for sulfide is not oxidation by
oxygen, and occurs much deeper in the water column. Oxidation must be
occurring around six meters to generate an Fe(II) maximum at 5.5 m. It is likely
that the major sink for sulfide is oxidation by sulfur oxidizing bacteria.

There

was a well defined layer of anoxy-photo bacteria that oxidize sulfide at this depth
during both 1990 and 1992.
In addition the steady-state concentration of Fe(II) at the maximum is
sensitive to the flux of particulate iron. The flux that reproduced the observed
Fe(II) profile was 6 x 10- 13 mole Fe/cm 2/sec, this is 4 times lower than the
sedimentary flux for iron calculated from the sedimentation rate in the Lower
Pond. Model runs bracketing this value by an order of magnitude reached
steady-state concentrations of Fe(II) of 15 µ.M and 5.7 µ.M with a 3 day
simulation for the higher and lower fluxes, respectively. Since the reduction of
Fe(III) in the waters of the Lower Pond was very rapid, an Fe(III) reduction rate
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Figure 16. Model predicted vertical profile of Fe(II) comparison with the
observed Fe(II)

profile,(■)

observed Fe(II) concentration on 9/04/90, and the

line is the model predicted Fe(II) concentration. The hydrographic and chemical
data in Table I were used as initial conditions for the model run.
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Table IX. Values of the rate constants and physical parameters for the model
fit to the Fe(Il) profile from 8/21/90. The initial hydrographic data and oxygen
and hydrogen sulfide profiles are those presented in Table I.
Constant

Value

q

-1

a.

1.5 X 10"3

Sedimentation Rate

6.0 X 10"13

moles Fe/ cm2/ sec

kFe(III)

1()5

cm3 mole·1 s·1

kFeOOH Dissolution

la3

cm3 mo1e·1 s·1

10-7

s·l

10-15

s•l

10-15

s·l

kFeS Precipitation
kFeS Dissolution
kFeOOH Precipitation

Units
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constant was selected so that any Fe(ill) produced through the dissolution of
particulate iron oxy-hydroxideswas rapidly reduced to Fe(II) in the presence of
sulfide. Thus, the model is not terribly sensitive to the reduction rate of
dissolved Fe(III).
Although the model is not sensitive to Fe(ill) reduction, the depth of the
Fe(II) maximum depends on the dissolution rate of iron oxy-hydroxides. The
maximum dissolution rate occurs just above the Fe(II) maximum and is 1 x 10-11
mole/s. • This is similar to the rates of reductive dissolution of geothite
determined at pH 7-8 in borate buffered, 0.3 m NaCl media of 1.7 x 10-9 to 3.7
x 10-8mole/s (Pyzik and Sommer, 1981). Use of faster dissolution rates results
in the maximum Fe(II) concentrations occurring shallower in the water column.
It appears that dissolution of sedimentary particles proceeds several orders of
magnitude slower than synthetic geothite.
The steady-state concentration at the Fe(II) maximum is also quite
sensitive to the eddy diffusivity through the values selected for a. and q. The
values selected for a. and q as standard values for the majority of model runs
were 1.5 x 10-3 and 1, respectively. The value of q has a limited range, 0.5 to 1.2,
in most aquatic systems and model runs were performed at these boundaries.
The steady-state Fe(II) concentration was nearly doubled at q = 0.5 and halved
at q = 1.2 (Figure 17). A similar effect is observed when the value of a. was
varied from 1.5 x 10-2 to 1.5 x 104 (Figure 18). Variations of a. and q have
similar effects on the predicted Fe(II) maximum, since the range in values of
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Figure 17. Effect of the value of a. on the steady-state concentration of F e(II)
at the maximum.

( ■)

observed Fe(II) concentration, lines are the model

predicted Fe(II) concentration; (solid line)a. = 1.5 x 10-3, (dashed line)a. = 1.5
x 10-2, and (dotted line) a. = 1.5 x 104 .
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Figure 18. Effect of the value of q on the steady-state concentration of Fe(II)
at the maximum.

( ■)

observed Fe(II) concentration, lines are the model

predicted Fe(II) concentration; (solid line) q = 1, (dashed line) q = 0.5, and
(dotted line) q = 1.2.
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these constants produce similar changes in the eddy diffusivity. There is a set
of a. and q that result in equally good model fits to the observed data. Since
these constants have such a marked impact on the stead-state concentration,
modeling multiple redox species with distinct maxima in the water column could
lead to well constrained estimates of these constants. This in turn would result
in an equally well constrained profile of the eddy diffusivity in this system.
The greatest deviation between the model predicted F e(II) profile and the
observed data occurs below the maximum. The model predicts to rapid removal
of Fe(II) from the system. This is likely caused by the representation of the
precipitation of iron sulfide. In the model a psuedo first order reaction is
employed to describe the precipitation of iron sulfide.

Although recent

laboratory work suggest that this can adequately represent the initial
precipitation reaction (Rickard, 1989), removal of iron sulfide from the water
column is influenced by a number of processes. Within the model precipitation
removes Fe(II) from the water column and transfers it to the particulate FeS
phase.

In natural systems the iron sulfide that is formed is likely to be

sufficiently small that it would remain in the dissolved phase. Removal from
natural waters occurs via gravitational settling after particle coagulation and
aggregation. To more accurately represent the removal of Fe(II) from the water
column in the Lower Pond a future model should include particle aggregation
kinetics.
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CONCLUSIONS

A series of high resolution vertical profiles of iron were determined across
the oxic/anoxic boundary of the Lower Pond of the Pettaquamscutt Estuary.
Several analytical methods were employed to examine the redox speciation
andlability of iron within the water column. The vertical distribution of dissolved
and total iron were determined by atomic absorption spectroscopy and dissolved
Fe(II) and reducible iron were determined using a modified Ferrozine
spectrophotometric method. Utilizing multiple analytical methods that yield
information on the oxidation state of iron, and a high resolution sampling system
has lead to a greater understanding of the geochemical cycling of iron across an
oxic/anoxic interface. This approach has characterized the well developed
maximum of total dissolved iron within the oxic/anoxic transition zone, and
shown that more than 95% of the dissolved iron is in the plus two oxidation
state.

In addition selective chemical reduction of samples has shown that

dissolved iron is quantitatively reduced to Fe(II) by 3.5 m, and particulate iron
was almost completely dissolved by 6 m. The reduction and dissolution of
particulate iron in the presence of hydrogen sulfide results in conditions favoring
the formation of iron sulfide complexes, and equilibrium calculations indicate
that Fe(HS) + is the dominant species followed by Fe(HS)z and Fez(HS)3 +.
Fe(HSt and Fe(HS) 2 have been identified as precursors to the formation of
insoluble iron sulfide phases. Removal of Fe(II) in the deep waters appears to
be controlled by solubility equilibria with insoluble FeS phases.
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The initial

precipitate is probably amorphous FeS, but deeper in the water column the pIAP
of 3.69 is similar to that of mackinawite (p¾ = 3.6).
We have shown that it is possible to represent the redox cycle of Fe
across the oxic/anoxic interface in the Lower Pond with a steady-state, one
dimensional eddy diffusion model.

The model calculations and field

measurements demonstrate that the distribution of dissolved Fe in the Lower
Pond of the Pettaquamscutt Estuary is influenced by physical, chemical, and
microbiological processes. The modelling suggests the maximum in Fe(II) can
be achieved through inorganic oxidation and reduction reactions, however the
depth at which the maximum occurs is sensitive to sulfide oxidation which
appears to be dominated by biological oxidation. The magnitude of the Fe(II)
maximum depends on the flux of iron into the basin, and reductive dissolution
of particulate iron. The use of this model has assisted in identifying processes
and measurements that should be performed to allow a more complete
quantitative understanding of the redox process occurring across an oxic/anoxic
transition zone.

In the future, studies of the cycling of elements across

oxic/anoxic interfaces should utilize multiple, redox sensitive analytical methods,
thermodynamic calculations, and include measurements of the rates of redox
reactions. This will facilitate develpment of a quantitative understanding of the
geochemical cycling of elements in these enviroments.
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Appendix I

Dissolved iron data comparison

Since publication of the first chapter of this thesis (O'Sullivan et al. 1991),
dissolved and particulate iron data determined by John Martin's group at the
same stations in the equatorial Pacific have been published (Martin, 1992).
Although the sampling and analytical methods used by both groups were
different, a comparison of the data is warranted. A detailed discussion of the
impact the different methods have on the fraction of iron determined is
presented in a section titled Conventional,vs. in situ sampling for Fe(//) of
Chapter 1. This appendix presents a comparison of these data (Table I).
At the equatorial station our dissolved Fe(II) concentrations are nearly
the same as the dissolved iron (dFe) concentrations of Martin (1992) except at
100 m. Our dissolved F e(II) levels are below the total iron (sum of dissolved
and particulate iron (pFe) concentrations) found by Martin (1992) at all depths
where we both have measurements. At the 3 °S station the concentrations of
Fe(II) we observed are, in general, higher than the concentrations of dFe or pFe
observed by Martin (1992). However the concentration range of dissolved Fe(II)
is similar to the range of total iron observed by Martin (1992). The change in
concentration of Fe(II) between the two profiles at this station is similar to the
difference between the two groups measurements, and demonstrates the
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importance of understanding the dynamics of iron redox cycling in surface
seawater. Although the measurements were made at the same stations, they are
not from profiles that were coincident in time.
The agreement between the two groups is quite good considering the
difficulty in performing iron determinations at these levels. The similarity
between the dissolved Fe(II) and dissolved Fe concentrations, coupled with the
temporal changes in dissolved F e(II) concentrations demonstrates the need for
careful comparisons between different sampling and analytical method for iron.
A well designed intercomparison experiment would lead to an improved
understanding of the species of iron that various analytical methods determine,
and further characterize the impact iron redox cycling has on the bioavailable
fraction of iron.
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Table I. Comparison between dissolved Fe(II) determined by O'Sullivan et al.
(1991) and dissolved and particulate Fe determined by Martin (1992) at the
same stations in the equatorial Pacific. All concentrations are in units of
nmol/kg.
Equator O
Depth (m)

d[Fell]§

3 ° South

0

dFe*

pFe*

d[Fell]
04()()f

d[Fell]
10001

dFe*

pFe*

1

0.41

5

ND

0.33

0.29

10

ND

ND

0.12

20

0.03

0.03

0.39

0.21

0.08

0.08

0.34

40

0.08

0.04

0.09

0.30

0.14

0.02

0.02

60

ND

0.02

0.21

0.26

0.11

0.02

0.18

80

ND

0.09

0.10

0.24

0.45

0.02

0.08

100

0.22

0.07

0.18

0.05

0.09

§Dissolved [Fe(II)] was determined by the ferrozine spectrophotometric method
described in Chapter 1 of this thesis.
* The dissolved and particulate iron concentrations are from Martin (1992).
ND means none detected.
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Appendix II

An In Situ Sampling System for Trace Metal and Transient Species

Preconcentration and Collection in Oceanic Waters.
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ABSTRACT

An innovative in situ sampling and preconcentration system has been
developed to collect seawater samples for trace metals and transient species at
depths up to 200 meters. The all-plastic sampling system was used to collect
samples in the equatorial Pacific aboard the R/V Wecoma in March of 1992.
The system is composed of twelve sampling units which are deployed in series
on a Kevlar line. Individual sampling units are connected to one another by
plastic tubing and to a submersible pump located at 1 m depth. Each sampling
unit contains six 1.2 L plastic bags (acid-cleaned Tedlar or PVC) connected
internally to six external sampling ports. The system simultaneously collects six
samples at 12 different depths. Total metal, dissolved metal, hydrogen peroxide,
and Fe(II) samples were collected in situ by fitting the external sampling ports
with the appropriate analytical cartridges and filters. Fe(II) was simultaneously
captured and preconcentrated by a ligand-exchange reaction with Ferrozine
adsorbed on C18 Sep-Pak cartridge. Shipboard analyses of dissolved iron, by
cathodic stripping voltammetry, and hydrogen peroxide, by a fluorescence
technique, from this system are compared with results obtained using trace metal
clean Go-Flo bottle sampling techniques.
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INTRODUCTION

The distribution and chemical reactions of trace metals in marine waters
are of great interest to marine chemists. In recent years, iron has received much
attention since it may be a limiting nutrient for phytoplankton in some regions
of the worlds oceans (Martin et al. 1989, 1990). Nonetheless, iron is an essential
micronutrient, and processes altering its speciation and bioavailability are not
fully understood. The chemistry of iron may impact the distribution of other
trace metals through adsorption and coprecipitation reactions. Consequently, a
better understanding of the chemistry of iron in marine systems may lead to an
improved understanding of the distribution of other trace metals. Studying trace
metals in the open ocean is difficult since samples can be easily contaminated
during collection and analysis. Trace levels of iron combined with its ubiquitous
occurrence in the environment requires the most rigorous approach to clean
sampling and post sampling manipulations.
In most studies of trace metals in the environment, both the dissolved and
particulate concentrations are determined. Analysis of dissolved and particulate
trace metals by most methods at typical open ocean concentration ( < 10-9 m)
requires preconcentration and separation of the metal from the seawater matrix
prior to analysis. The potential for contamination can be greatly reduced if post
sampling manipulations such as filtration and separation could be performed in
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situ.

Determination of the spatial and temporal distribution of iron and the

processes controlling its distribution have focused our attention on the
development of anin situ sampling system to capture and preconcentrate samples
in situ to reduce contamination.

An in situ sampling system was developed that is constructed entirely of
plastic materials so that it is possible to use it to sample for oceanic trace metals.
This coupled with our interests in photochemical transients also requires the
ability to capture or quench transient species such as Fe(II) and H 20 2 in situ.
To fully characterize the photochemical processes in surface waters compelled
us to design a system to simultaneously sample the water column in the euphotic
zone. Other criteria which needed to be met as a result of our research interests
included versatility in the type of sampling which could be performed, ie.
dissolved versus total metal samples.

The development and application of in

situ filtration greatly reduces the potential for sample contamination during

filtration and subsequent handling. The use of C18 Sep-Paks with different
adsorbed ligands allows pseudo-custom sampling for particular species and
facilitates their in situ capture and preconcentration. This paper presents the
design of a novel trace metal and transient sampling system and data
demonstrating its utility. The system was deployed on a cruise to the equatorial
Pacific, Figure 1.
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Figure 1. Cruise track and station locations for the Feline II cruise aboard the
R/V Wecoma in March and April 1992.
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Sampler Description

A novel all plastic in situ sampling system was developed which allows the
simultaneous collection of trace metals and transient species at twelve depths.
The system is composed of twelve sampling units which were deployed in series
on a Kevlar line up to 200 m depth. Individual sampling units were connected
to one another by 0.5'' I.D. flexible polyethylene tubing and to a high speed
submersible pump (Model 142-306, Micro Pump Corp.) located at 1 m depth
Figure 2. The flow rate and pressure drop on the system were monitored
continuously with a shipboard control panel. Individual samplers are connected
in parallel to the submersible pump allowing twelve depths to be sampled
simultaneously.
The individual sampling units, Figure 3, were fabricated from 6.6" O.D.
grey polyvinylchloride (PVC) pipe with a 0.5'' PVC bottom plate. The top of the
sampler was milled from 0.5'' polypropylene and equipped with six sampling
ports, Figure 4. Each sampling port had polypropylene male luer lock fittings
on the top and bottom sides which attached to the external filtration/C 18 SepPak assembly and internally to sample collection bags. Four of the sampling
ports were connected to 1.2 L acid-cleaned PVC bags (Healthtek, Medical
Specialties Co., Inc.) solely to determine the volume of seawater thatpassed
through the filtration/C 18 Sep-Pak assembly. The remaining two sampling ports
were connected to 1.0 L acid-cleaned tedlar bags (SKC, Inc.) which were used
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Figure 2. Diagram of the in situ sampling systems components.
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Figure 3. Diagram of the top of an individual sampler showing the arrangement
of the six male luer ports. Each sampling port can be outfitted with different
filtration/C 18 Sep-Pak assemblies depending on the sampling needs.
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I Top View of Sampler I
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Figure 4. Cut away diagram of an individual sampling unit.
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to collect seawater samples for dissolved and total metal analyses.
The operating principle of the individual samplers is analogous to a
human lung. Each sampler contains six internal plastic bags and is deployed with
the bags collapsed and the internal PVC chamber full of seawater. Seawater is
pumped from the PVC chamber causing the internal bags to expand and draw
seawater through the filtration/C 18 Sep-Pak assembly and into the bags. After
samplers are retrieved and moved into a clean van the filtration/C 18 Sep-Pak
assemblies are removed and processed. The samplers are pressurized with
seawater collapsing the internal bags and extruding the seawater directly into
sample bottles in a laminar flow clean hood.

Analytical Methods:

Fe(ll) Analysis---Fe(II) analysis was performed using the ferrozine

ligand-exchange chromatographic (FLEC) method developed in this laboratory
(King et al. 1991). The FLEC method is based on the highly selective ferrous
iron reagent ferrozine (FZ) (Stookey 1970) obtained from Sigma Chemical
Company adsorbed onto a reverse phase C18 Sep-Pak chromatographic cartridge
(Waters Assoc.). The Sep-Pak was pretreated with (1) 10 ml of methanol, (2)
20 ml MQ rinse, (3) 5 ml of a 0.7 molal NaCl/0.005 molal NaHCO 3 (Baker
Analyzed Reagent) rinse, (4) 2 ml of 0.0040 molar FZ in 0.7 molal NaCl/0.005
molal NaHCO 3, (5) 5 ml of a 0.7 molal NaCl/0.005 molal NaHCO 3 rinse.
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Seawater samples were passed through the cartridge with the Fe(II) being
quantitatively retained as Fe(II)(FZh

The Fe(II)(FZ) 3 complex was

subsequently eluted from the Sep-Pak in 10 ml of methanol (OmniSolv, HPLC
grade).

The eluent was clarified by filtration (0.40 µm inline Millex HV,

Durapore j and the concentration determined colorimetrically using a 10 cm
quartz cell and a Shimadzu UV /Vis-260 scanning spectrophotometer.

The

method was optimized for the determination of Fe(II) in oceanic waters. The
maximum sampling flow rate was 40 ml/min and the total volume of seawater
which could be passed over the Sep-Pak was 400 ml, allowing upto a 40 fold
preconcentration.

H fJ

2

analysis -- H 20 2 was measured on duplicate samples with the

enzyme-catalyzed fluorescent dimerization of p-hydroxyphenylacetic acid as
described by Miller and Kester (1988). Samples for H 20 2 analysis were drawn
from the total metal tedlar bag of the in situ samplers, Go-Flo bottles, and
Niskin bottle rosette casts.

CSV labile Fe -- Linear-sweep cathodic stripping voltammetry (LS-CSV)

was used to determine the concentration of dissolved "CSV labile" iron in
seawater. Labile Fe(III) was complexed with 1-nitroso-2-naphthol and adsorbed
at the hanging mercury drop electrode at a controlled potential of -0.15 Volts.
The samples were filtered through 0.45 µm Nuclepore filters and acidified to pH
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2.6 ± 0.2 with ultrex HCI. The samples were analyzed at pH 6.9 and 25 • C.
Samples were drawn from the dissolved metal tedlar bag of the in situ sampler
and from Go-Flo bottles using trace metal clean techniques.

RESULTS

The in situ sampling system was deployed during a cruise aboard the R/V
Wecoma in March of 1992. The concentration of CSV labile Fe determined on
samples taken from Go-Flo bottles using trace metal clean Go-Flo techniques
and samples from the in situ sampler agree very well at 15° N and 6° N, Figure
5 and 6 respectively. The depth resolution in the euphotic zone demonstrates
the utility of this system for examining chemical processes occurring in the
surface ocean. The in situ sampling system exhibits a similar profile of H 20 2 as
samples drawn from a Niskin bottle rosette cast, Figure 7. The differences below
the mixed layer could be caused by differences in sample depth in the H 20 2
gradient and the influence of internal waves. The differences in the mixed layer
are larger than the analytical uncertainty but are within the observed variability
in H 2O2 concentrations in surface waters at this station from multiple rosette
casts. In 1990, traces of Fe(II) were observed in surface waters in this region
with a detection limit of 0.12 nmole kt

1

(O'Sullivan et. al., 1991). For this

fieldwork our detection limit was somewhat higher (0.30 nmole kg-1), due to
greater uncertainty in the Ferrozine blank. During the 1992 field work, the
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Figure 5. CSV labile Fe and hydrographic data for 15°N and 148°W.CSV labile
Fe determined in samples from( ■) a Go-Flo bottle cast, ( +) anin situ sampler
cast on 4/ 4/92 at 0900 hours local time, ( ◊) an in situ sampler cast on 4/ 5/92
at 1400 hours local time.
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Fe determined in samples from( ■) a Go-Flo bottle cast, ( +) anin situ sampler
cast on 3/31/92 at 0030 hours local time.
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concentration of Fe(II) was below our detection limit in the surface waters at all
stations. The in situ sampling system allows post sampling manipulations such
as filtration and preconcentration of trace metal samples to be performed in situ,
greatly reducing the potential for contamination. An additional benefit of this
system is the ability to simultaneously sample twelve depths in the euphotic zone.
These characteristics coupled with the versatility in the type of samples that can
be collected by adsorbing different ligands onto chromatographic cartridges
makes this system a powerful tool for examining chemical processes occurring
in the surface ocean.
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Appendix ill

Design and Construction of a Stopped Flow Chemiluminescence System
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Introduction

A stopped flow chemiluminescence monitoring system was constructed in
conjunction with the development of a luminol-based CL method for the
determination of Fe(II) in seawater. The details of the analytical method are
given in Chapter 2 of this thesis. This Appendix gives the details of construction
of the instrument. A diagram of the overall system is shown in Figure 1.

The

CL system was designed to support the use of three chemical channels which can
be utilized for reagent or sample additions. A series of eight teflon coated
solenoid valves and a network of teflon tubing (0.D. 0.32 in.) was used to
manipulate reagent and sample movement through the system, Figure 2. For use
with the luminol analytical method, reagent and acid rinse solutions were stored
in acid cleaned black teflon bottles (TFE) and dispensed into the reagent loop
with Brinkman dispensettes™. The method of charging the reagent and sample
loops could be altered depending on individual analytical needs.

Sample was

drawn through the sample injection loop with a positive displacement pump
(FMI, model RP-6150) and then to waste to allow flushing of the sample loop
with several volumes of sample. The appropriate solenoid valves were switched
and the volume in the sample loop was displaced with N2 gas at 10 psi into a 450
µL flow through spectrophotometric cell (Helma Inc.) which was positioned
directly in front of a Hamamatsu photomultiplier tube (Model R1527, HC123-01)
biased at -650 V. The luminol reagent was then injected into the reaction cell,
238

Figure 1. Diagram of the stopped flow chemiluminescent system.
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Figure 2. Diagram of the chemiluminescent detector.
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both the sample and reagent volumes were 200 µL. The current output of the
PMT was continuously monitored with a Keithley model 486 picoammeter.
Digital output from the picoammeter was continuously recorded with a portable
computer equipped with a National Instruments IEEE-488.1 GPIB interface card
using software developed in our laboratory. A detailed description of the
individual system components is given below.

Design and Component Characteristics

Photomultiplier tube: The photomultiplier tube (PMT) assembly consists of a
R1527 side-on PMT and a HC123-01 regulated high voltage power supply
(HVPS) (Hamamatsu Corporation). The PMT responds to luminescence from
185 to 680 nm with the peak wavelength response at 375 nm. The HC123-01 is
a compact, high voltage power module that includes the voltage divider and
mating socket for the PMT. Both the PMT and the HVPS were enclosed in a
Faraday cage which was located within a black plastic box (Figure 2). The flow
cell was also located inside the Faraday cage. The flow cell was positioned in
front of the PMT with one centimeter in between it and the PMT. In addition
a mirror was attached to the back of the flow cell to reflect light into the PMT.
The HC123-01 generates the high voltage necessary to drive the PMT, its
general specifications and maximum ratings are given in Table I. The unit is
potted to guard against moisture and contamination. The HVPS employs a self243

oscillating circuit to convert DC power to a 185 kHz sine wave of 100 volts
amplitude. This voltage is applied to a 10 stage voltage multiplier generating up
to -1000 V. Coupled to the power oscillator and voltage multiplier is a feed
back regulating circuit to control the voltage output. The negative high voltage
is reduced by a thousand times with a divider and is added to an externally
generated, positive contwl voltage to effect a null. The null signal is amplified
and used to control the voltage supp$xing the power oscillator, allowing the
output voltage to be precisely and accurately regulated by a low voltage input.
The low voltage input can be controlled by either voltage or resistance. In this
instrument, the input voltage to the HVPS was controlled by resistance
programming through the low voltage power supply.

Low Voltage Power Supply: A low voltage power supply was constructed to
supply the driving voltage to the HC123-01 regulated high voltage power supply.
An electrical schematic is given in Figure 3 and a description of the electrical
connection follows. The LVPS is connected to the HC123-01 by a D-9
connector, the pin connections are given in Table II. An AC/DC converter was
used to convert the 120V AC input to ± 15 V, 350 mA DC output (Calex, MFG.
Co. Inc., Pleasant Hill, CA). The AC input (black, 16 AWG) was wired through
a switch to a 250 V, 1 A fuse and finally to the AC-1 terminal on the converter.
The return was wired to the AC-2 terminal on the converter (white, 16 AWG).
The ground was tied to the chassis (green, 16 AWG), and the AC-1 and AC-2
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Figure 3. Circuit diagram of the low voltage power supply.
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Table I. General specifications for the HC123-01 regulated high voltage power
supply.
Maximum Ratings 1

HC123-01

Units

Output voltage

-1100

volts

Input voltage

+ 18

volts

Operating temperature

+5 to +50

Storage temperature

-20 to +70

General Specifications
Output voltage range

-300 to -1100

volts

Input voltage range

+ 11.5 to 15.5

volts

Output/input ratio

1000 to 1

volt/volt

Voltage divider ratio

1/10 of high
voltage per stage

volt/volt

Warm-up time

10

minutes

Output voltage decay time
constant

10

seconds

Weight( approximate)
65
grams
The maximum ratings and specifications come from the product data sheet
associated with the HC123-01 obtained from Hamamatsu corporation.
1
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Table II. D-9 pin connections between the low voltage power supply and the
HC123-01.
HC123-01

Low voltage power supply

Color

Pin#

Pin#

Color

Origin

White

1

1

White

Pole 2, potentiometer

Blue

2

2

Blue

Pole 3, potentiometer

Black

3

3

Black

CMN, AC/DC converter

Green

4

4

Green

-15 V, AC/DC converter

Red

5

Red

+ 15 V, AC/DC converter

I
I
I

I

!5

I
I
I
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lines (black, 18 AWG) were tied to a neon lamp to indicate whether the power
was on/off (Archer, high brightness, red neon lamp, 120 VAC).
The DC lines were all wired with 18 AWG single conductor wire. The 15 V terminal was tied to pin 4 of a female D-9 connector (Archer) mounted
on the chassis (green). The 15 V CMN terminal was tied to a black test
terminal, post 1 of a l0K ohm low drift potentiometer (Clarastat, 62J-10K, 1409117), and to pin 3 of the D-9 connector(black). The + 15 V terminal was
connected to pin 5 of the D-9 connector (red). Post 2 of the potentiometer was
connected to pin 1 of the D-9 connector and to a red test terminal mounted on
the front of the power supply (white).

Post 3 of the potentiometer was

connected to pin 2 of the D-9 connector (blue).

The potentiometer was

attached to a locking digital dial mounted on the chassis. Two test terminals
were also mounted on the chassis. The voltage reading at the test terminals is
1/1000 of the voltage driving the PMT. The relationship between PMT driving
voltage and dial setting is shown in Figure 4. Again the PMT should not be
driven at voltages exceeding -1100 V for extended periods of time, nor should
it be exposed to bright light for extended periods of time. To reduce exposure
of the PMT to room light it was housed in a black plastic box within a black
plexiglass instrument chassis (Figure 2). For the method development work
described in chapter 2, the PMT was driven at -650 V corresponding to a dial
reading of 530.5. The D-9 connector was attached to the HC123-01 via a 9 pin
cable where the pin assignments had corresponding colors as HVPS.
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Stopped Dow manifold and cell arrangement

Solenoid arraniement:

There are eight teflon solenoids (Model 1-17-900,

General Valve Co.) which govern solution movement through the system. All
of the interconnections between solenoids are made with teflon tubing (O.D. 0.32
in.). Each solenoid requires a 12 V, 200 mA driving source, and has a common
channel, a channel that is normally open (NO) and one that is normally closed
(NC). When the 12 V, 200 mA driving force is applied the channels change to
open the NC channel and close the NO channel, the common line is unchanged.
An AC/DC power supply (Micronta, regulated 12 VDC power supply) is used
to provide the driving voltage for the solenoids and is connected via 16 AWG,
black and red wires to two terminals mounted on the instrument switch plate.
The eight solenoids {S1-S8)are controlled with five three way switches
(SW1-SW5) mounted on the front switch plate of the instrument (Figure 5).
Although the switches support three way operation, they are only used as two
way switches. Switch SWl controls solenoid S4 and S5 which control the reagent
and sample cell entry ports. This switch has two positions labelled R and S,
when in position R the reagent port is open for reagent injection, and the sample
port is open to air. When SWl is in the S position the sample port is open for
sample injection and the reagent port is open to air. This arrangement ensures
that excessive pressures are not reached during the injection process. It also
reduces the volume of injected solution that is forced into the waste port of the
250

Figure 4. Calibration of the low voltage power supply's digital reading versus the
driving voltage applied to the PMT. The value on the Y axis is multiplied by -1.
The voltage applied to the PMT can be calculated from: PMT volts= (1.232 ±
0.00l)*(Dial Reading) - (2.13 ± 1.82).
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cell out of the optical path, since the N2 that is forcing the solution into the cell
is vented to air. Switch SW2 controls solenoids Sl-S3, these solenoids regulate
loading of the sample loop (SL) and sample injection (SI). Switch SW5 controls
solenoid S8, which directs whether the FMI pump is pumping from a sample vial
(PS) or the cell (PC).

After the sample loop is loaded, SW2 is switched to position SI and the
loop is expelled into the cell with N2 gas. The N2 gas is controlled by a 120 V
AC, teflon solenoid (Model DV3-224-Al, The Fluorocarbon Co.) that is
connected to a laboratory timer (Model 451, Gralab) and is located outside the
main instrument chassis. The duration of the injection is 0.5 seconds, which is
sufficient to expel the contents of the sample or reagent loops into the cell (N2
at 10 psi, 30 ml/min, a micro flow meter is used to adjust the gas flow rate).
Switch SW3 controls solenoid S6 which switches between a reagent input and
solenoid S7. Solenoid S7 is controlled by SW4, and switches between the acid
rinse (AR) and the N2 for reagent loop injection (RI). Switch SW3 is labeled

(RL) for luminol reagent loading and (RI) for reagent injection. The rinse,
loading, and injection sequence is described below in the section titled Analysis.

Flow cell: A 450 µl fluorometric flow cell (Helma Inc.) was used as the reaction
chamber. It was mounted on fiberglass angle using electrical tape and cable ties
and positioned in front of the PMT with a mirror attached to the back side
(Figure 2). The cell has three ports, two which enter the optical chamber from
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Figure 5. Diagram of the solenoid manifold and cell.
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MQ

the top and one that is used to drain the cell which enters from the bottom. The
former are used to inject reagent and sample and the latter to remove solution
from the cell. Teflon tubing (O.D. 0.22 in.) was inserted down the ports to just
above the optical chamber. This improved the replication of the injections by
enhancing the mixing dynamics through the increased flow rate of the injected
solution. It also promoted complete injection of the solution, since the surface
tension of aqueous solutions on teflon is considerably lower than on silica.

Data Acquisition System

Hardware: The output of the PMT was continuously monitored with a Keithley
486 picoammeter (Keithley instruments). The picoammeter is capable of taking
100 readings per second. Digital readings were acquired from the picoammeter
(8-9 readings/sec) via a general purpose interface bus (GPIB, National
Instruments IEEE-488.1 card) and stored on a 386/33 portable computer
(Broadax Systems Inc.).
The picoammeter has an internal memory and for sampling rates
exceeding 10 readings/second the Keithley stores the readings in its internal
memory.

Consequently, the readings must be retrieved from the internal

memory rather than by real time triggering. There are also several data filter
options which can be utilized during sampling. An analog filter removes
fluctuations due to changes in the line voltage and a digital filter removes errors
associated with the signal conversion process. The luminol CL method was
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performed with both filter options active. There are several other parameters
associated with the operation of the Keithley picoammeter that can influence the
analytical result.

All the parameters are set automatically by the data

acquisition software described below. These settings are given in Table III along
with the factory default settings that are resident in the Keithley picoammeter
at power up.

Software/Data Analysis: The final component of the data acquisition system is
a series of programs that control the communication link, graphics interface and
initial data processing. The first program K486PLT1.BAS was written in Basic
within the Lab Windows environment (National Instruments v 2.1) and is
presented in Appendix V. This program controls the communication between
the PC and Keithley via the GPIB interface as well as providing a graphics based
interface for data acquisition. The program provides a real time graphics display
of the PMT response and generate an ASCII file which contains the elapsed
time, sample number and intensity.
The second program is written in Pascal and performs the initial data
reduction and processing of the ASCII files generated by K486PLT1. The
program is called CLDATRD6.PAS and is given in Appendix VI. CLDATRD6
generates two ASCII files one with a PRN suffixfor easy import into spreadsheet
applications, and another with a PFL suffix. The PRN file contains the sample
number, base line reading, intensity, integrated signal, time of the maximum
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reading, and the duration of the peak.

The signal is integrated by the

trapezoidal approximation method. The second file contains the sample number,
the elapsed time and intensity data for the entire peak so that the profile for
individual peaks can be examined.
There are two pit falls in the current system. The first is a result of the
memory limit imparted by Turbo Pascal on the size of any given variable (ie. it
can not exceed 64K). Since the raw data file generated by K486PLT1is read
into the CLDATRD6 as an array variable, the number of elements can not
exceed 3000. With a data acquisition rate of 9 readings/sec and an average time
of capture of 10 to 12 seconds, each sample peak is comprised of about 100-120
elements. Consequently, one should not exceed 20 samples run per data file
generated by K486PLT1. Another difficulty is associated with exceeding the
range of the Keithley, if this occurs the Keithley reports OVERFWW which
results in a reading that is an incompatible data type and the program bombs.
One can remove these with any editor that is ASCII compatible. Both of these
minor inconveniences could be overcome with a slightly more sophisticated
programming effort.

Analysis

Analytical Sequence: The switch settings for the analytical sequence used during
the luminol method are given in Table IV, however a brief description follows.
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Table III. Comparison between the default settings for the Keithley parameters
and the setting for the analytical method.
Control/Feature

Factory Default

Analytical Method

Display Intensity

Normal

Normal

Zero Check

Enabled

Disabled

V/1 Ohms

Disabled

Disabled

Data Store

Unarmed

Armed

Filters

Digital and Analog

Digital and Analog

Enabled

Enabled

Range

Autorange Enabled

Autorange Disabled

Integration

Line cycle

Line cycle

Trigger

Multiple, 175 msec

Multiple, 50 msec

interval, 0 sec delay

interval, 0 sec delay

Preset

Disabled

Disabled

Relative

Disabled

Disabled
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At the beginning of the day's efforts, the system should be thoroughly rinsed.
The reagent loop and associated tubing is rinsed several times with 0.01 N HCl.
The sample loop is rinsed several times with Sargasso Sea seawater which has
been stored in a black teflon bottle. Sargasso Sea water is used since it contains
low iron concentrations and upon storage in the dark there is no Fe(II).
Consequently, any solution that is free of Fe(II) could be used for this rinse.
Care must be taken to pump out the cell between rinses to ensure that it is not
over filled. If the cell is over filled, solution may go up the port open to air and
spill inside the instrument. While rinsing the s~ple

side one must perform

several injection sequences to ensure that the tubing between the sample loop
and the cell gets thoroughly rinsed. This section of tubing is closed while the
sample loop is being loaded and rinsed. If the system will not be used for some
time it should be stored with dilute acid or MQ depending on the length of
inactivity.
For the luminol CL method, the reagent loop is loaded first followed by
the sample loop. The sample is injected and the data capture activated. The
reagent is injected; at the end of the peak, the data capture suspended and the
cell emptied. The cell is rinsed several times with dilute acid, the lines are
cleared with a pulse of N2, and the sequence repeated for each additional
sample.
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Table IV. Switch positions for the analytical sequence in the Luminol Fe(II)
chemiluminescent method.
Action

SWl

SW2

SW3

SW4 SW5 Comment

Rinse Sample Loop

s
s

SL

RL

AR

SI

R
R

SL
SL

RL
RI
RL

SL

Sample Inject

s
s

Reagent Inject

Empty Cell

Rinse Sam. Inject.
Rinse Reagent Loop
Luminol Rgt. Load
Sample Load

Rinse Cell
Clear lines

3 rinses1

AR

PS
PS

AR

PC

3 rinses

AR

PS

1 squirt 2

RL

AR

PS

2-3 sec pump

SI

RL

AR

1 shot3

R

SL

RI

N2

PS
PS

R
R
R

SL

N2

PC

2-3 sec pump

SL

RI
RI

AR

PC

3 rinses/pump

SL

RI

N2

PC

2-3 shots N 2
2-3 sec pump

1

3 rinses

N2

initiate data
capture
1 shot N 2

A rinse refers to the volume of acid dispensed by the Brinkman dispensett, 0.6
ml.
2
A squirt refers to the volume of luminol dispensed by the Brinkman dispensett,
0.2 ml.
3
A shot refers to a single gas injection event.
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System Improvements: Currently, the data acquisition system is automated but
the sample/reagent manifold is manually controlled.

With small capital

investment the system could be fully automated, however a considerable amount
of time may be required to write the code to control the solenoids. In addition,
the mixing dynamics and replication could potentially be improved by using
syringes, driven by computer controlled stepper motors to load and inject the
sample and reagents.
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Appendix IV

The Effects of Varying Light Fields on the Photochemical
Cycling of Iron in Surface Seawater
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ABSTRACT

Different UV transmitting filter materials, tedlar, mylar and polycarbonate
were used to evaluate the photochemical production of Fe(II) as a function of
differing UV exposures in surface seawater incubations. The results indicate that
the UV transmission characteristics of incubator materials affects the
photochemical cycling of transient species such as Fe(II) and HOOH. Changes
in the UV intensities caused by ozone depletion and changes in cloud cover as
well as episodic aerosol input events may influence the photochemical cycling of
trace constituents in surface seawater.

INTRODUCTION

The chemical speciation and distribution of iron can have a profound
impact on the distribution and biogeochemical cycling of many trace constituents
in seawater. First, the distribution of many biogeochemically important trace
metals can be effected through adsorption and coprecipitation reactions with iron
oxyhydroxides in seawater. Second, iron has been hypothesized as a limiting
nutrient for phytoplankton in high nutrient low chlorophyll regions of the worlds
oceans. The speciation of iron is critically linked to bioavailability in that
dissolved iron is the only form of iron that is taken up by phytoplankton (Rich
and Morel, 1990).
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In surface seawater iron has been observed in two oxidation states, Fe(II)
and Fe(ill). Fe(ill) is the thermodynamically stable oxidation state of iron in
seawater containing dissolved oxygen. Fe(III) readily undergoes hydrolysis to
form iron oxyhydroxideswhich age to more refractory iron oxides. Fe(II) is
more soluble than Fe(ill), and Fe(II) is a product of the photochemical reductive
dissolution of iron oxyhydroxides (Figure 1).

Colloidal and refractory solid

phases of iron are resistent to dissolution at pH 8 and are unavailable to
phytoplankton.

The bioavailable iron concentration is dependent on the

dissolved Fe concentration. Photochemical cycling of iron from kinetically inert
phases to labile forms may enhance the bioavailable iron concentration.
Photochemical Reactions of Iron:

Several possible photochemical mechanisms for the reduction of Fe(ill)
in natural waters have been proposed which involve reduction of solution phase
Fe(III) and/or solid phase Fe(III) (David and David, 1976; Waite and Morel,
1984a,b; Faust and Hoffmann, 1986;Waite, 1986;Leland and Bard, 1987;Waite
and Torikov, 1987; Cunningham et al., 1988; Sulzberger et al., 1989; Hoffmann,
1990). In order for a transition metal to be photochemically active in the marine
environment, it must have an absorption cross-section that overlaps with the
ambient solar spectrum. In addition the light absorbed by the metal complex
must be sufficiently energetic to populate a charge transfer band between the
ligand and the metal. Products from a photochemical reaction are only
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Figure

1. Schematic diagram of chemical transformations of iron in marine

systems.
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observable if there is enough energy remaining after the electronic transition to
allow the radical/reduced metal pair to separate sufficiently that recombination
does not occur. The result is a photoinduced ligand to metal charge transfer
(LMCT) reaction involving an innersphere ligand.
hv
Fe(ffi)L

Fe(TI)

--+

+

•L

(1)

In organic free aqueous media, photoreduction may occur by the donation
of an electron from hydroxyl ligands with subsequent dissociation of Fe(II)
(Cunningham et al., 1988; Sulzberger et al., 1989). Several solution phase
inorganic species of Fe( II) have been shown to undergo direct photochemical
reactions (Figure 2). A direct photochemical reaction occurs when the absorbing
species decays into the primary products. An indirect photochemical reaction
occurs when an unknown chromophore (UC) absorbs the light and participates
in a secondary reaction.

Fe(OH 2)/+, Fe(OH 2)s(OH) 2 +, Fe(OH 2)s(Cl)2 +, and

Fei(OH 2) 8(OH)/+ have all been shown to be photochemically active (Langford
and Carey, 1975). At the pH and iron concentrations of most seawater, these
species are not likely to be important sources of Fe(II).

In seawater with pH

< 6 and concentrations of iron in excess of micromolar, the dimmer may be an

important source for Fe(II). The dominant species of Fe(III) in seawater at
natural pH is the Fe(OH 2)iOH)

3°

complex, whether this species is monomeric

or polymeric tending towards colloidal dimensions is not known (Kester, 1986).
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Figure 2. Homogeneous and heterogeneous photochemical reactions of iron in
natural waters. In the heterogeneous reaction the dicarboxylic acid is shown as
an example of a ligand that complexes with surface-iron species and promotes
the photochemical reduction.
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The remaining species comprise only a tiny fraction of Fe(III) at the pH of
seawater. This coupled with their low molar absorptivities precludes them from
being a significant source for Fe(II) in seawater. However at the pH of rain and
fog water, the Fe(OH 2)s(OH) 2 + and Fe(OH 2)/+ are the major Fe(III) species,
and are important sources for •OH and Fe(II) in these waters (Behra and Sigg,
1990; Faust and Hoigne, 1990; Zepp et al., 1992).
The species in seawater that are likely to be the photochemical source for
Fe(II) involve organic complexes of solution phase Fe(III) or surface complexes
of mineral phases. Aqueous systems containing organic matter generally increase
the efficiencyofFe(II) photoproduction and dissolution through LMCT reactions
involving organic ligands.

Carboxylic acids (Waite and Morel, 1984a;

Cunningham et al., 1988),thiol containing compounds (Waite and Torikov, 1987)
adsorbed alcohols (Cunningham et al., 1985) and freshwater fulvic acids (Waite
and Morel, 1984a) have all been shown to significantly enhance Fe(III) oxide
photoreduction. In the presence of oxalate, citrate, and malonate, Fe(II) can
catalyze the reductive dissolution of iron oxy-hydroxides by electron transfer
through the bridging ligand (Sulzberger et al., 1989). A second potential
mechanism for Fe(III) photoreduction involves the direct excitation of the bulk
solid phase (a semiconductor mechanism) where photo-generated holes are
scavenged by readily oxidizable species and the remaining electrons reduce the
colloidal substrate (Cunningham et al., 1988). Identifying the photo-active
source(s) for Fe(II) production and quantifying the rate of production will assist
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in understanding which of the above mechanisms operates in these waters. Both
mechanisms may occur to some degree and undoubtedly contribute to the
observed Fe(II) surface distribution.
Oxidation of Fe(II) in Seawater---Fe(II) is removed from euphotic waters

by oxidation to Fe(ill) and possibily by biological uptake. There have been
many studies of the oxidation of Fe(II) in aqueous media (Sung and Morgan,
1980; Davison and Seed, 1983;Waite and Morel, 1984a; Moffett and Zika, 1987;
Millero et al., 1987; Millero, 1989; Millero and Sotolongo, 1989). A generally
accepted mechanism for the oxidation of Fe(II) by oxygen is the four step HaberWeiss mechanism which involves oxidation of Fe(II) by both oxygen and
hydrogen peroxide (Eq. 2 and 4) as rate limiting reactions and by fast reactions
involving radical intermediates, 0 2- and •OH (Eq. 3 and S)(Millero, 1989).
Fe 2 +

+

02

-+

Fe 3 +

+

02

(2)
(3)
(4)

Fe 2 +

+

•OH

-+

Fe 3 +

+

OH·

(5)

The ability of this mechanism to account for the oxidation of Fe(II) under
conditions which maintain the 1:4 0 2 to Fe(II) stoichiometry is very good
(Millero et al., 1987; Millero and Sotolongo, 1989). Applying this mechanism to
272

natural waters must include careful consideration of the relative concentrations
of the species involved, since all of the intermediates have sources and sinks
external to the above reaction series. The stoichiometry of the mechanism may
break down at natural Fe(II) concentrations because of competing reactions
between the radical-intermediates and other compounds present in seawater
(Zafiriou, 1974; Zafiriou et al., 1984b).

Recently, we have determined the

oxidation rate of Fe(II) in Sargasso seawater down to 0.14 nmole/kg and found
that the above mechanism adequately predicts the oxidation rate. However,
open ocean waters contain about four times less dissolved organic carbon than
coastal waters, the role dissolved organic carbon may have in the oxidation of
Fe(II) is not fully understood. In addition oxidation of Fe(II) in surface seawater
may be enhanced during sunlight hours as a result of photochemical generation
of radical-intermediates external to the above reaction series (Plane et al., 1987;
Zepp et al., 1992; Mopper and Zhou, 1990).
The intermediates in the oxidation of Fe(II) also have photochemical
sources. Each of these species absorption cross-section overlaps the solar
spectrum in different regions. Since the action spectrum of all of these species
are different, and the sinks are not fully understood, examination of the redox
cycle of iron in laboratory experiments generally does not incorporate all of the
potential reactions occurring in the environment. In 1992we performed a series
of deck incubation experiments with freshly collected equatorial seawater
containing natural phytoplankton assemblages to examine the redox cycling of
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iron under conditions that are as closely related to environmental conditions as
possible.
METHODS
Chemiluminescent Fe(II) Determination

The concentration of Fe(II) was determined usmg the luminol
chemiluminescent (CL) method described in detail in Chapter 2 of this thesis.
The experimental results presented below were obtained during the preliminary
stages of method development. Although the method was not fully developed,
standard curves in unfiltered North Pacific surface seawater were linear and were
used to determine the concentration of Fe(II) in the incubations (Figure 3).
During the cruise the influence H2O2 concentration changes have on the CL
signal intensity was not fully understood, and catalase was not added to the
samples to remove H 20 2. Consequently, the concentration of Fe(II) may have
been over estimated when the concentration of H 20 2 was changing rapidly.
H 2O2 was analyzed by fluorescence dimerization of p-hydroxyphenylacetic acid
(Miller and Kester, 1988).
Incubator Light Transmission Characteristics

The deck incubation experiment was performed in two large polyethylene
containers with continuous flowing surface seawater to maintain the incubation
temperature at that of surface seawater. The polyethylene baths each contained
two 20 L polycarbonate containers. The tops of the polycarbonate containers
were covered with plastic materials that have differing transmission
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Figure 3. Standard curve in North Pacific surface seawater from 15°N 150°W,
in April of 1992 aboard the R/V Wecoma.
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4

5

characteristics in the ultraviolet region of the solar spectrum (Figure 4). Three
of the polycarbonate reaction chambers were treated with 10 nmole Fe(ill)/kg
and 5 µmole No 3- /kg and the remaining chamber was used as a control.
The materials covering the containers were tedlar, mylar and
polycarbonate.

Two neutral density screens covered the entire incubation

apparatus to decrease the light intensity to about 35 % of ambient, which
approximates the light intensity at 20 m where the seawater was collected.
Tedlar transmits photosynthetically active radiation (PAR) as well as the UV A
and UVB regions of the solar spectrum, 400 to 340 nm and 340 to 300 nm
respectively. Mylar does not .transmit significant levels of UVB radiation.
Polycarbonate cuts off light below 390 nm and does not transmit significant
levels of either UV A or UVB radiation. The transmission characteristics of the
materials used in the incubations relative to the surface intensity are shown in
Figure 5.
RESULTS AND DISCUSSIONS

The concentration of Fe(II) and H 20 2 were followed in each container for
two days. Samples were drawn every two hours during daylight hours. The
intensity of PAR was measured continuously with a PUV 500 profiling
radiometer located next to the incubation chamber, care was taken to ensure the
radiometer was not shaded by any structures on the ship. The results for Fe(II)
and H 20 2 are shown if Figures 6 and 7 respectively, and PAR for each day is
shown in the bottom panel. Fe(II) exhibited a diel cycle in all of the Fe addition
277

Figure 4. Diagram of the deck incubation system.
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Figure 5. Transmission characteristics of the different materials covering the
incubation containers relative to the incident surface intensity at the respective
wavelengths.
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700

containers. There was an increase in the concentration of F e(II) in the control
during the second day, similar to the diel cycle observed for the other containers.
During the first day the largest increase in F e(II) occurred in the mylar
treatment, UVA but no UVB. The polycarbonate treatment exhibited the lowest
Fe(II) concentrations, and the tedlar treatment was midway between the other
two. During the second day the trends are somewhat similar however there was
a very large increase in Fe(II) between 10 am and 12 noon.
The large increase in Fe(II) in the second day is in phase with a large
increase in H 2O2, (Figure 7). This probably has caused an over estimate of the
actual Fe(II) concentration. Since the change in H 2O2 concentration is 100
nmole/kg in the polycarbonate container this may lead to an over estimate in the
concentration of Fe(II) by a factor of 2, see chapter 2 of this thesis. Within the
other treatments the change in H 2O2 concentration is only 50 nmole/kg and
would only result in an over estimate of Fe(II) of 50%. The effect of H 20 2 on
the CL emission is only a potential problem during the second day with the large
changes in H 2O2 concentration; the H 2O2 concentration did not change
significantly over the diel cycle on the first day. The mylar treatment also
exhibited the largest diel cycle in H 2O2 concentration relative to the other
treatments during both days. During the second day there was a tremendous
increase in biomass in all of the containers. Consequently, the first day appears
to be dominated by photochemical transformations whereas the second day is
influenced by the bloom taking place within the containers.
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Figure

6. Photochemical cycle of Fe(II) observed in the deck incubation

experiment performed in the Pacific ocean. Panel (A) is the first day and (B)
is the second day. The lower panels are the intensity of photosynthetically active
radiation, (■) is the control tedlar topped container, ( •) is the polycarbonate
topped container, ( +) is the addition tedlar topped container, and ( o) is the
mylar topped container.
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Figure

7. Photochemical cycle of H2O2 observed in the deck incubation

experiment performed in the Pacific ocean. Panel (A) is the first day and (B)
is the second day. The lower panels are the intensity of photosynthetically active
radiation, ( ■) is the control tedlar topped container, ( •) is the polycarbonate
topped container, ( +) is the addition tedlar topped container, and ( o) is the
mylar topped container.
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During the first day the photocycle of Fe(II) in the treatments are quite
different. The low amplitude cycle in the polycarbonate container may be due
to slower photoreduction of F e(ill) in the absence of UV wavelengths. The
maximum production of Fe(II) occurs in the mylar treatment and may reflect an
enhanced photoreduction process in the presence of light in the UV A region.
But the tedlar treatment exhibited less production of Fe(II) with increased
transmission into the UVB region.

It is likely that enhanced UVB radiation

leads to the production of radical oxidants of Fe(II), decreasing the steady state
concentration (Zafiriou et al., 1984a). Although this is somewhat counter
intuitive, it is indicative of the complexity of the redox cycling of Fe(II). The
variation in the photocycle observed between the different UV treatments is
indicative of the competition between photoproduction of reductants and
oxidants in natural waters that occurs during exposure to different UV
wavelengths and intensities.

The different levels and wavelengths of UV

radiation in the treatments are analogous to the transformation of the solar
spectrum with depth in the water column (Figure 8). Consequently, it is likely
that different photochemical reactions can be occurring at depth in the water
column altering the concentrations of chemical species.
CONCLUSIONS

Different levels of UVA and UVB intensities alter the photochemical
cycling of Fe(II) and HOOH in both magnitude and phase.

A complete

understanding of the photochemical cycle of iron will require knowledge of
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Figure 8. Profile of the intensity of light of different wavelengths in the water
column of the North Pacific ocean, 15 ° N 150° W. Log of the intensity in
µWatts/cm 2-nm versus depth,(■) 308 nm, ( +) 320 nm, ( o) 340 nm, (t.) 380, and
(x) is PAR in µE/m 2-s.
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species that participate in chemical reactions with iron. The photochemical cycle
of H 2O2, 0 2·, and •OH will have to be understood before a quantitative
understanding of the iron cycle will be completed. The photochemical cycling
of iron through labile phases may inhibit aging and increase the life time of
labile iron in surface waters. The change in the cycling of iron as well as other
photochemically active species in incubators with different UV transmission
characteristic is important and must be considered in extending these
experiments to natural environments.
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Appendix V
Code for data acquisition from the Keithley 486 picoammeter, program
K486PLT1.BAS.
DEFDBLA-Z
REM $INCLUDE:
REM $INCLUDE:
REM $INCLUDE:
REM $INCLUDE:
REM $INCLUDE:

'C:\L W\INCLUDE\ USERINT.INC'
'C:\LW\INCLUDE\FORMATIO.INC'
'C:\LW\INCLUDE\GPIB.INC'
'C:\LW\INCLUDE\LWSYSTEM.INC'
'uil K486.inc'

CONST TRUE = 1
CONST FALSE = 0
DIM SHARED file.hdll %
DIM datarray# (500)
DIM SHARED readstrg AS STRING *14
DIM SHARED filename AS STRING *40
DIM SHARED readstrgl AS STRING *14
CALL ibfind ("GPIB0", boardid%)
CALL ibfind ("Dev16",K486%)
CALL ibwrt (K486%, "K0Y2T4N0Q0.050BOG
lX")
panel.hdl% = LoadPanel% ("uil K486.uir", VM)
IF panel.hdl % < 0 THEN
ret% = FmtOut% ("Unable to load the required panel from the resource
file." + CHR$(10))
STOP
END IF
Keithly% = panel.hdl %
ret% = DisplayPanel% (Keithly%)
start% = FALSE
WHILE TRUE < > 0
ret% = GetUserEvent% (FALSE, handle%, id%)
SELECT CASE id%
CASE VM.START
start% = TRUE
CASE VM.STOP
start% = FALSE
Sample# = Sample# + 1
ret% = SetCtr1Val% (Keithly%, VM.SN, Sample#)
CALL ibwrt (K486%, "GlX")
CALL ibrd (K486%, readstrg1$)
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n% = Scan(readstrg1$, "%s>%f', MaxVal#)
ret% = SetCtrlVal% (Keithly%, VM.MRD, MaxVal#)
CALL Initialize.Keithley (K486%)
CASE VM.RESET

ret% = DeletePlots% (Keithly%, VM.INPUTS)
CASE VM.QUIT
STOP
CASE VM.SV
Call Save.data
CASE VM.LL
CALL ibloc (K486%)
CASE VM.SN
ret% = GetCtrlVal (Keithly%, VM.SN, Sample#)
CASE VM.RG
ret% = GetCtrlVal (Keithly%, VM.SN, result%)
IF result% = 1 then
CALL ibwrt (K486%, "H9X")
Elself result% = 2 then
CALL ibwrt (K486%, "H7X")
Elself result% = 3 then
CALL ibwrt (K486%, "H3XH7X")
Endlf
CASE ELSE
END SELECT
IF start% < > 0 THEN
CALL ibwrt (K486%, "GlX")
CALL ibrd (K486%, readstrg$)
ElapseTime# =TIMER
n% = Scan(readstrg$, "%s> %f', datapt#)
datarray#(i) = (datapt# * -lell)
ret% = PlotStripChart% (Keithly%, VM.INPUTS, datarray#(), 4, 0, 0, 4)
ret% = SetCtr1Val% (Keithly%, VM.ET, ElapseTime#)
ret% = SetCtrlVal% (Keithly%, VM.RD, datapt#)
ret% = GetCtrlVal (Keithly%, VM.DC, Toggle.save%)
IF Toggle.save% = 1 then
ret% = FmtFile (file.hdll %, "%s < %f ",ElapseTime#)
ret% = FmtFile (file.hdll %, "%s< %f ",Sample#)
ret% = FmtFile (file.hdll %, "%s< %f ",datarray#(i))
ret% = WriteFile (file.hdll %, CHR$(10),1)
END IF
END IF
WEND
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SUB Initialize.Keithley (K486%)
Call ibwrt (K486%, "K0Y2T4NOQ0.050BOG
lX")
END SUB 'Initialize.Keithley
SUB Save.data
panel.hdl% = LoadPanel% ("uil_K486.uir",File)
IF panel.hdl % < 0 THEN
ret% = FmtOut% ("Unable to load the required panel from the
resource file." + CHR$(10))
STOP
END IF
File.pnl % = panel.hdl %
ret% = HidePanel (File.pnl %)
ret% = Instal1Popup% (File.pnl%)
check% = TRUE
WHILE check% < > 0
ret% = GetPopupEvent% (1, action%)
SELECT CASE action%
CASE File.NM
ret% = PromptPopup% ("Enter the file name with .dat
extension:",filename$,12)
CASE File.OP
file.hdll % = OpenFile (filename$, 2, 0, 1)
IF file.hdl % > = 0 then
ret% = MessagePopup% ("File Opened")
ELSE
ret% = MessagePopup% ("Unable to Open File ")
End IF
CASE File.CL
result% = CloseFile (file.hdll %)
IF result% > = 0 then
ret% = MessagePopup% ("File Closed")
ELSE
ret% = MessagePopup% ("Unable to Close File ")
End IF
CASE File.QT
ret% = RemovePopup% (0) 'Zero removes the current panel
check% = False
CASE ELSE
END SELECT
WEND
END SUB 'Save.data
CALL ibclr (K486%)
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Appendix VI
Code for the chemiluminescent data reduction program CLDATRD6.P AS.
PROGRAM CLDATRD6 (Input, Output);

TYPE
Rawdata Rec = record
Etirne - : real;
Sample : real;
Voltagel: real;
end; {Rawdata_Rec}
ProcessedData Rec = record
Sample : real;
Baseline Volts : real;
PeakHt Volts : real;
PeakArea : real;
StartPk : real;
TimePkHt : real;
EndPkArea : real;
Total : real;
end; {ProcessedData _Rec = record}
Peak data Rec = record
- StartPeak : integer;
StopPeak : integer;
end; { Peak_ data _Rec }
Peak Character = array [l..50] of ProcessedData Rec;
Rawin_data = array [l..3200] of Rawdata _Rec; Sample data = array [l..150] of integer;
Peak_ data = array [1..50] of Peak_ data _Rec;
CONST
BLNoise = 2;
Int_time = 6;

{Peak integration time in sec}

VAR
In data : Rawin data;
In)ile _name : string[12];
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Maxdata_Array: integer;
SamplePoints Array : Sample data;
No Samples :integer;
Peak descript : Peak Character;
Sample_Peak : Peak_.=-data;
Procedure Open _Infile;
VAR

infile : text;
OK
: boolean;
Begin {open infile}
repeat
writeln('Enter the name of the raw data file.');
readln(In file name);
assign(infile, in file name);
{$1-} reset(infile) {$1+};
OK : = (IOresult = O);
If not OK then
writeln('Cannot find file ', In_file_name);
Until OK;
End; {open_infile}
Procedure Input data;
VAR
infile: text;
l,J
: integer;
Name : string[14];
Begin {Input_data}
I:= 0;
while not EOF(infile) do
begin {while not EOF}
I:= I + 1;
with In data[I] do
begin {record read}
read(infile, Etime );
read(infile, Sample);
readln(infile, voltagel);
end ; {record read}
end; {while not EOF}
writeln(I);
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Maxdata Array : = I;
Close(infile);
End; {procedure input data}
Procedure Sample_Array_Element_ Identification;

{This procedure counts how many data points there are for each}
{sample peak and prints the info to the screen. It does not decide}
{how many data points constitue a peak only the number of data points}
{delimited by consecutive sample numbers.}
VAR

FirstSampleNo, Temp, Tl, T2 : real;
I,J, DW : integer;
Begin

{Sample_Array_Element_Identification}

J:= O;
FirstSampleNo : = In data[l ].Sample;
writeln( firstsampleno);
Temp : = firstSampleNo;
for I : = 1 to Maxdata_Array do
{This for loop removes spikes in the data}
Begin {for}
Tl:= In_data[I-1].voltagel *1.5;
T2 : = In data[!+ 1].voltagel *1.5;
IF ((In data[I].voltagel > Tl) and (In data[I].voltagel > T2)) then
In data[I].voltagel := (In data[I-tfvoltagel
- + In data[!+ 1].voltagel)/2;
If In_data[I].Sample < > Temp then
begin {if}
{The next few lines of code determine the number}
J : = J + 1;
{of points making up each sample}
Temp : = In data[I].Sample;
SamplePoints_Array[J] : = I;
No Samples : = J;
write(No Samples);
writeln(SamplePoints Array[J]:5);
end
{if}
End; {for}
J: = J + 1;
SamplePoints_Array[J] : = I;
No Samples:= J;
write(No Samples);
writeln(SamplePoints_Array[J]:5);
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End;

{Sample_Array_Element_ Identification}

Procedure Peak Characterization;

{This procedure determines which data points constitue a peak.}
{This is based on deviations and return to base line values and }
{a time limit on the integration of 9 sec.}
VAR

J, I, K, DW, L, Save, M,O
: integer;
Templ, temp2, temp3, Temp4 : real;
Difference 1, Difference2 : real;
Difference3, Difference4 : real;
Time_criteria
: real;
{Cut off time for integration}
Highest : real;
Sum: real;
SumTemp : real;
Begin {Peak_Characterization}

J := O;
Sum:= O;
Sumtemp : = O;
Save:= O;
Templ := O;
Temp2 := O;
Temp3 :=0;
Temp4 := O;
Difference 1 : = O;
Difference2 : = O;
Difference3 : = O;
Difference4 : = O;
0 := 0;
K := O;
I:= 0;
M := O;
DW := 1;
for J : = 1 to No Samples do
{Takes first 5-data points and sets as baseline}
begin { for J}
Templ : = (In data[DW].voltagel + In data[DW + 1].voltagel
-+ In data[DW +2].voltagel);
Temp2 := (In data[DW+3].voltagel+In data[DW+4].voltagel);
Temp3 := ((templ+temp2)/5);
Peak_ descript[J].Sample : = In_data[DW].Sample;
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Peak descript[J].Baseline Volts : = Temp3;
Temp4 : = Peak descript[J].Baseline Volts;
for I : = DW to SamplePoints Array[J] do
begin { for I}
Differencel : = (In data[I].voltagel Peak descript[J].Baseline Volts);
Difference2 : = (In data[I + 2].voltagel Peak descript[J].Baseline Volts);
ff ((Differencel > BLNoisef and (Difference2 >-BLNoise)) then
begin { If difference}
M := M +1;
ff M = 1 then
begin { if M}
Peak_ descript[J].StartPk : = In_data[I].Etime;
Sample Peak[J].StartPeak : = I;
Time criteria : = Peak descript[J].StartPk + Int time;
end; { if M }
If In data[I].Voltagel > Temp4 then
begin { if temp4}
Save:= I;
Temp4 := In_data[I].Voltagel;
{writeln(Temp4 );}
end; { if templ}
end ; { if difference}
If M > 0 then
begin

Difference3 : = (In data[I].voltage1 - Peak descript[J].Baseline Volts);
Difference4 := (In_data[I+2].voltagel Peak descript[J].Baseline Volts);
If ((Difference3 < = BLNoise) and (Difference4 < = BLNoise)) then
begin { If difference3&4}
0 := 0 +1;
If O = 1 then
begin { if O}
Peak descript[J].EndPKArea : = In data[I].Etime;
Sampie_Peak[J].StopPeak : = I;
end {if O}
end; {difference 3&4}
If In data[I].Etime > Time criteria then
begin {If time}
0 := 0 +1;
If O = 1 then
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begin { if O}
Peak_descript[J].EndPKArea : = In_data[I].Etime;
Sample_Peak[J].StopPeak : = I;
end {if O}
end;{if time}
end; {if M}
end; { for I}
Peak descript[J].PeakHt Volts : = (In data[Save-1].voltagel +
In_data[Save].voltagel +In_data[Save+ 1].voltagel)/3;
Peak descript[J].TimePkHt : = (In data[Save].Etime
-In data[Sample Peak[J].StartPeak-1].Etime);
Peak descript[J].Total: =-Peak descript[J].EndPKArea
-Peak_descript[J].StartPk;
Save:= 0;
Templ :=0;
Temp4 :=0;
M := O;
0 := 0;
DW : = SamplePoints_Array[J];
writeln(Sample Peak[J].StartPeak:12, Sample Peak[J].StopPeak:12);
end; {for J}
End;
{Peak_Characterization}
Procedure Peak_Area_ Calculation;
VAR

Temp, DeltaT: real;
RecArea, TriangleArea : real;
Diff: real;
M, J, I : integer;
Begin {Peak_Area_ Calculation}
temp:= 0;
for J : = 1 to No Samples do
begin { for J} for I : = Sample_peak[J].StartPeak to Sample_peak[J].StopPeak do
begin { for I }
IF temp > 1E6 then
temp:= 123;
DeltaT : = (In data[I + 1].Etime - In data[I].Etime );
If DeltaT < 0then
DeltaT := 0;
Diff : = (In_data[I + 1].Voltagel - In_data[I].Voltagel);
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IF ((Diff > 0) or (Diff = 0)) then
begin

RecArea: = (In data[!+ 1].voltagel * deltaT);
TriangleArea : =-(0.5*deltaT*
(In data[l].voltagel-ln data[!+ 1].voltagel));
temp:= (temp+RecArea+TriangleArea);
end

Else
begin

RecArea: = (In data[I].voltagel * deltaT);
TriangleArea : =-(0.5*deltaT*
(In data[!+ l].voltagel-ln data[I].voltagel));
temp : = (temp+ RecArea + TriangleArea );
end;
end; { for I}

Peak descript[J].PeakArea : = Temp;
writefn(temp);
temp:= O;
end; { for J}
End; {Peak_Area_ Calculation}
Procedure Output_ Data_ Reduction_ Results;
VAR

J
: integer;
name : String[12];
Output : text;
Begin {Output Data Reduction Results}

writeln('Enter the name of the output file with a PRN extension.');
readln(name );
assign(Output, name);
Rewrite(Output);
writeln(Output, In file name);
writeln(Output); - writeln('Sample BLVolts MaxVolts Area Etime DeltaTmax Total
Time');
writeln(Output,'Sample BLVolts MaxVolts Area Etime DeltaTmax
Total Time');
for J: = 1 to No samples do
begin { for I} write( output, Peak descript[J].sample:5);
write( output, Peak=descript[J].Baseline_Volts: 10);
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write(output, Peak_ descript[J].PeakHt_ Volts:10);
write(output, Peak descript[J].PeakArea:10);
write(output, Peak- descript[J].StartPk:10:2);
write( output, Peak- descript[J].TimePkHt: 10:2);
writeln( output, Peak descript[J].Total: 10:2);
write(Peak descript[J].sample:5);
write(Peak- descript[J].Baseline Volts: 10);
write(Peak-descript[J].PeakHt Volts:10);
write(Peak- descript[J].PeakArea:10);
write(Peak- descript[J].StartPk:10:2);
write(Peak-descript[J].TimePkHt:10:2);
writeln(Peak descript[J].Total:10:2);
end; {for I}
close(output);
End; {Output_ Data_ Reduction_ Results}
Procedure Output Peak Data;
{This procedure generates a peak profile file for each sample.}
{The file consists of elapsed time and voltage for each sample.}
VAR
name : String[12];
Output : text;
J, K, I, M : integer;
Begin {Output_Peak _Data}

writeln('Enter the name of the output file for the peak data with a PFL
extension.');
readln(name );
assign(Output, name);
Rewrite(Output);
writeln(Output, In file name);
writeln(Output); - for J: = 1 to No Samples do
write( Output,-Peak descript[J].Sample:8);
writeln(Output);
for I : = 1 to 60 do
{(Sample_peak[l ].StopPeak-Sample_peak[l ].StartPeak)}
begin { for I}
For K := 1 to No_Samples do
begin { for K }
M : = (Sample _peak[k].StartPeak - 5 + I);
write( Output, In data[M].Etime:10:2);
write( Output, In=data[M].voltagel:8:1);
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end; { for K}
writeln( Output);
end; {for I}
close(Output);
End; {Output_ Peak_Data}
{*******************MAIN PROGRAM*************************}
Begin

Open lnfile;
Input -data;
Sample Array Element Identification;
Peak_ Characterization; Peak Area Calculation;
Output_ Data_ Reduction_ Results;
Output_Peak _Data;
END.

305

Thesis Bibliography

Aldredge, A L., & Cohen, Y. (1987). Can microscale chemical patches persist
in the sea? Microelectrode study of marine snow, fecal pellets. Science,
235, 689-691.
Anderson, M. A, & Morel, F. M. M. (1982). The influence of aqueous iron
chemistry on the uptake of iron by the coastal diatom Thalassiosira
weissflogii. Limnology and Oceanography, 27, 789-813.
Behra, P., & Sigg, L. (1990). Evidence for redox cycling of iron in atmospheric
water droplets. Nature, 344, 419-421.
Benjamin, M. M., & Leckie, J. 0.

(1980). Adsorption of metals at oxide

interfaces: effects of the concentration of adsorbate and competing
metals. In R. A. Baker (Ed.), Contaminants in Sediments. Ann Arbor:
Ann Arbor Science.

Birks, J. W. (1989). Chemiluminescence and photochemical reaction detection
in chromatography (1st ed.) New York: VCH publishers, Inc.
Brown, M. F., Kester, D. R., & Dowd, J. M.

(1983).

measurements after acid-iron waste disposal.

Automated iron

In I. W. Duedall, D.

Ketchum, P. K Park, & D.R. Kester (Eds.), Wastes in the ocean, V.1:
Industrial and sewage wastes in the ocean (pp. 157-169). New York: John
Wiley & sons.
Bruland, K W., Franks, R. P., Knauer, G. A, & Martin, J. H. (1979). Sampling
306

and analytical methods for the determination of copper, cadmium, and
nickel at nanogram per liter level in seawater. Analytica Chimica Acta,
105, 233-245.
Burnett, W. C., Landing, W. M., Lyons, W. B., & Orem, W. (1989). Jellyfish
Lake, Palau A model anoxic environment for geochemical studies. EQS,
777-778.
Byrne, R. H., & Kester, D. R. (1976). A potentiometric study of ferric ion
complexes in synthetic media and seawater. Marine Chemistry.~. 275-287.
Byrne, R. H., & Kester, D.R.

(1976). Solubility of hydrous ferric oxide and

iron speciation in seawater. Marine Chemistry.~. 255-274.
Cline, J. D. (1969). Spectrophotometric Determination of Hydrogen Sulfide in
Natural Waters. Limnology and Oceanography, 14, 454-458.
Collienne, R. J. (1983). Photoreduction of iron in the epilimnion of acidic
lakes. Limnology and Oceanography, 2a, 83-100.
Crosby, S. A, Glasson, D. R., Cutler, A H., Turner, D. R., Whitfield, M., &
Millward, G. E. (1983). Surface areas and porosities of Fe(Ill)- and
Fe(II)-derived oxyhydroxides.Environmental Science and Technology. 17,
709-713.
Cunningham, K

M., Goldberg, M. C., & Weiner, E. R.

(1985).

Photodissolution of iron oxides in the presence of adsorbed alcohols.
Photochemistry and Photobiology, 41, 409.
Cunningham, K. M., Goldberg, M. C., & Weiner, E. R. (1988). Mechanisms for
307

aqueous photolysis of adsorbed benzoate, oxalate, and succinate on iron
oxyhydroxide(goethite) surfaces. Environmental Science and Technolo~.
22, 1090-1097.

Cutter, G. A, & Krahforst, C. F. (1988). Sulfide in surface waters of the
western Atlantic Ocean. Geophysical Research Letters, ~( 12), 1393-1396.
David, F., & David, P. G. (1976). Photoredox chemistry of iron (III) chloride
and iron (III) perchlorate in aqueous media: A comparative study.
Journal of Physical Chemistry. 80, 579-583.
Davis, J. A., & Leckie, J. 0. (1978). Surface ionization and complexation at the
oxide/water

interface. 2: Surface properties

of amorphous iron

oxyhydroxideand adsorption of metal ions. Journal of Colloidal Interface
Science, 67, 90-107.
Davison, W. (1980). A critical comparison of the measured solubilities of
ferrous sulphide in natural waters. Geochimica et Cosmochimica Actq, 44,
803-808.

Davison, W. (1991). The solubility of iron sulphides in synthetic and natural
waters at ambient temperature. Aquatic Sciences, 53, 309-329.
Davison, W., & Seed, G. (1983). The kinetics of the oxidation of ferrous iron
in synthetic and natural waters. Geochimica et Cosmochimica Acta, 47,
67-79.

Donaghay, P. L., Liss, P. S., Duce, R. A, Kester, D.R., Hanson, AK., Villareal,
T., Tindale, N., & Gifford, D. J.
308

(1991).

The role of episodic

\

atmospheric nutrient inputs in the chemical and biological dynamics of
ocean ecosystems. Oceanography, ~(2), 62-69.
Donaghay, P. L., Rines, H. M., & Sieburth, McN. J. (1992). Simultaneous
sampling of fine scale biological, chemical, and physical structure in
stratified waters. Archiv Fur Hydrobiolo~e Biehefte Ergebnisse der
Limnolo~e, 36, 97-108.
Dyrssen, D. (1988). Sulfide complexation in surface seawater. Marine Chemistiy,
24, 143-153.
Duce, R. A (1986). The impact of atmospheric nitrogen, phosphorus, and iron
species on marine biological productivity. In: P., Buat-Menard (Ed.), The
Role of Air-Sea Exchange in Geochemical Cycling (pp. 497-529).
Hingham, MA: D. Reidel.
Egeberg, P. K., Schanning, M., & Naes, K. (1988). Modelling the manganese
cycling in two stratified fjords. Marine Chemistiy, ~' 383-391.
Elrod, V. A, Johnson, K. S., & Coale, K. H.

(1991). Determination of

subnanomolar levels of iron(II) and total dissolved iron in seawater by
flow injection analysis with chemiluminescence detection. Analytical
Chemistry. 63, 893-898.
Emerson, S., Cranston, R. E., & Liss, P. S. (1979). Redox species in a reducing
fjord: equilibrium and kinetic considerations. Deep Sea Research, 26A,
859-878.
Emerson, S., Jacobs, L., & Tebo, B. (1983). The Behavior of Trace Metals in
309

Marine Anoxic Waters: Solubilities at the Oxygen-Hydrogen Sulfide
Interface. In: C. S., Wong, E., Boyle, KW., Bruland, J. D., Burton, & E.
D., Goldberg (Eds.), Trace Metals in Seawater (pp. 579-608). New York:
Plenum Press.
Fallab, S. (1967). Reactions with molecular oxygen. Aniewandte Chemie
International Edition in Enilish, Q, 496-507.
Faust, B. C., & Hoffmann, M. R. (1986). Photo-induced dissolution of a-Fe2O3
by bisulfite. Environmental Science and Technology. 20, 943-948.
Faust, B. C., & Hoigne, J. (1990). Photolysis of Fe(III)-hydroxy complexes as
sources of OH radicals in clouds, fog and rain. Atmospheric Environment,
24A(l), 79-89.
Finden, D. AS., Tipping, E., Jaworski, G. H. M., & Reynolds, L. S. (1984).
Light-induced reduction of natural iron (ill) oxide and its relevance to
phytoplankton. Nature, 309, 783-784.
Francko, D. A., & Heath, R. T. (1983). Abiotic uptake and photodependant
release of phosphate from high-molecular-weight humic-iron complexes
in bog lakes. In R. F. Christman, & Gjessing, Aquatic and Terrestrial
Humic Materials (pp. 467-480). New York: Ann Arbor Science.
Frost, A A, and Pearson, R. G. (1961) Kinetics and Mechanism: A study of
homogeneous chemical reactions. New York: John Wiley & Sons, Inc.
Gaines, A

G. (1975). Papers on the Geomophology, Hydrology, and

Geochemistry of the Pettaquamscutt River Estuary (Doctoral dissertation,
310

pp. 278), University of Rhode Island, Kingston, RI.
Gaines, AG., & Pilson, M. E. Q. (1972). Anoxic Waters in the Pettaquamscutt
River. Limnology and Oceano~aphy. ll, 42-49.
Gargett, A. E. (1984). Vertical eddy diffusivity in the ocean interior. Journal
of Marine Research, 42, 359-393.
Gibbs, C.R. (1976). Characterization and application of Ferrozine iron reagent
as a ferrous iron indicator. Analytical Chemistry. i8, 1197-1201.
Gordon, R. M., Martin, J. H., & Knauer, G. A (1982). Iron in northeast Pacific
waters. Nature, 309, 783-784.
Hanson, A K, Sakamoto-Arnold, C. M., Huizenga, D. L., & Kester, D. r
(1988). Copper complexation in Sargasso Sea and Gulf Stream warmcore ring waters. Marine Chemistry.~. 181-203.
Hardy, K. (1993). Processes controlling the vertical distribution of 0 2 in the
Lower Pond of the Pettaq_uamscuttEstuary, a highly stratified basin with
anoxic bottom waters. Unpublished masters thesis, University of Rhode
Island, Kingston, RI.
Hoffmann, M. R. (1990). Heterogeneous photocatalysis on the surface of metal
oxides. (Technical Report No. WHOI-90-09, pp. 51-55, N. V. Blough,
and R. G. Zepp (Eds)), Woods Hole, MA: Woods Hole Oceanographic
Institute.
Hong, H., & Kester, D. R. (1986). Redox state of iron in the offshore waters
of Peru. Limnology and Oceanography. 31, 512-524.
311

Jacobs, L., Emerson, S., & Huested, S.S. (1987). Trace metal geochemistry in
the Cariaco Trench. Deep Sea Research, l4,, 965-981.
Jacobs, L., Emerson, S., & Skei, J. (1985). Partitioning and transport of metals
across the 0 2/H 2S interface in a permanently anoxic basin: Framvaren
Fjord, Norway. Geochimica et Cosmochimica Actq, 49, 1433-1444.
Jassby, A, & Powell, T. (1975). Vertical pattersn of eddy diffusion during
stratification in Castle Lake, California. Limnology and Oceano~aphy. ~.
530-543.
Johnson, C. A., Ulrich, M., Sigg, L., & Imboden, D. M. (1991). A mathematical
model of the manganese cycle in a seasonally anoxic lake. Limnology and
Oceanography. 36, 1415-1426.
Jones, G., Gardener, S., & Simon, B. (1982). Bacterial reduction of ferric iron
in a stratified eutrophic lake. Journal of General Microbiology, 129, 131139.
Kester, D. R.

(1986).

Equilibrium models in seawater: application and

limitations. In M. Bernhard, F. E. Brinckman, & P. J. Sadler (Eds.), The
importance of chemical "speciation" in environmental processes, Berlin:
Springer-Verlag.
King, D. W. (1988). Spectrophotometric Determination of pH and Iron in
Seawater: Equilibria and Kinetics. (Doctoral dissertation, pp. 240)
University of Rhode Island, Kingston, RI.
King, D. W., & Kester, D.R. (1989). Determination of seawater pH from 1.5
312

to 8.5 using colorimetric indicators. Marine Chemistry, ~ 5-20.
King, D. W., Lin, J., & Kester, D. R. (1990). Determination of Fe(Il) in
seawater at nanomolar concentrations. Analytica Chimica Acta, 1.Q,1-2.
King, D. W., Lin, J., & Kester, D.R .. (1991). Spectrophotometric determination
of F e(Il) in seawater at nano molar concentrations. Analytica Chimica
Acta, 247, 125-132.
Klopf, L. L., & Nieman, T. A (1983). Effect of iron(II), cobalt(II), copper(II),
and manganese(II) on the chemiluminescence of luminol in the absence
1080-1083.
of hydrogen peroxide. Analytical Chemistiy. S.S.,
Landing, W. M., Burnett, W. C., Lyons, W. B., & Orem, W. H. (1991). Nutrient
cycling and the biogeochemistry of manganese, iron, and zinc in Jellyfish
Lake, Palau. Limnology and Oceanography. 36, 515-525.
Landing, W. M., & Westerlund, S. (1988). The solution chemistry of iron(II) in
Framvaren Fjord. Marine Chemistiy. 23, 329-343.
Landing, W.W., & Bruland, KW. (1987). The contrasting biogeochemistry of
iron and manganese in the Pacific Ocean. Geochimica et Cosmochimica
Acta, 51, 29-43.
Langford, H. C., & Carey, J. H. (1975). The charge transfer photochemistry of
the heaaquoiron(III) ion, the chloropentaaquoiron(III) ion, and the µ.Dihydroxo dimer explored with tert-butyl alcohol scavenging. Canadian
Journal of Chemistiy. 53, 2430-2435.
Leland, J. K., & Bard, A. J. (1987). Photochemistry of colloidal semiconducting
313

iron oxide polymorphs. Journal of Physical Chemistry. .21,5076-5083.
Lewis, B. L., & Landing, W. M. (1991). The biogeochemistry of manganese and
iron in the Black Sea. Deep Sea Research, ~(Supplement), S1083-S1103.
Lewis, E. L., & Perkin, R. G. (1982). Seasonal mixing processes in an Arctic
fjord system. Journal of Physical Oceanow,ahy. 12, 74-83.
Lin, J., & Kester, D. R. (1991) Determination of Fe(Il) in seawater at
nanomolar concentrations (Technical Report No. 91-9). Kingston, RI:
University of Rhode Island.
Lin, J., & Kester, D. R.

(1992). The kinetics of Fe(Il) complexation by

Ferrozine in seawater. Marine Chemistry, ;IB,283-301.
Lind, J., Merenyi, G., & Eriksen, T. E. (1983). Chemiluminescence mechanism
of cyclic hydrazides such as luminol in aqueous solutions. Journal of the
American Chemical Society, 105, 7655-7661.
Luther Ill, G. W.

(1991).

Pyrite synthesis via polysulfide compounds.

Geochimica et Cosmochimica Acta, 55.,2839-2849.
Luther III, G. W., & Tsamakis, E. (1989). Concentration and form of dissolved
sulfide in the oxic water column of the ocean. Marine Chemistry, 27, 165177.
Luther III, G. W., & Ferdelman, T. G. (1993). Voltammetric characterization
of iron(II) sulfide complexes in laboratory solutions and in marine waters
and porewaters. Environmental Science and Technology. 27, 1154-1163.
Martin, J. H. (1992) Iron as a limiting factor in oceanic productivity. In P. G.
314

Falkowski and A D. Woodhead (Eds.), Primary productivity and
bio~eochemical cycles in the sea (pp. 123-137).New Yorlc,Plenum Press.
Martin, J. H., Gordon, R. M., & Fitzwater, S. E. (1990). Iron in Antarctic
waters. Nature, 345, 156-158.
Martin, J. H., Gordon, R. M., & Fitzwater, S. E. (1991). The case for iron.
Limnology and Oceanography. 3..6,1793-1803.
Martin, J. H., Gordon, R. M., Fitzwater, S., & Broenkow, W. W. (1988).
VERTEX: phytoplankton/iron studies in the Gulf of Alaska. Deep Sea
Research, 36, 649-680.
McKnight, D. M., Kimball, B. A, & Bencala, K E. (1988). Iron photoreduction
and oxidation in an acidic mountain stream. Science, 240, 637-640.
McMahon, J. W. (1969). The annual and diurnal variation in the vertical
distribution of acid-soluble ferrous and total iron in a small dimictic lake.
Limnology and Oceanography. 14, 357-367.
Merenyi, G., Lind, J., & Eriksen, T. E.

(1986). Nucleophilic addition to

diazaquinones. Formation and breakdown of tetrahedral intermediates in
relation to luminol chemiluminescence. Journal of the American
Chemical Society. 108, 7716-7726.
Merenyi, G., Lind, J., Shen, X., & Eriksen, T. E. (1990). Oxidation potential
of luminol. Is the autoxidation of singlet organic molecules an outersphere electron transfer? Journal of Physical Chemistry, 94, 748-752.
Miller, W. L. (1990). An investigation of peroxide. iron and iron bioavailability
315

in irradiated marine waters (Doctoral dissertation, pp. 425) University of
Rhode Island: Kingston, RI.
Miller, W. L., & Kester, D. R. (1988). Hydrogen peroxide measurement in
seawater by P-hydroxyphenylacetic acid dimerization. Analytical
Chemistry, 60, 2711-2715.
Millero, F. J. (1986). The thermodynamics and kinetics of the hydrogen sulfide
system in natural waters. Marine Chemistry. 18., 121-147.
Millero, F. J. (1989). Effect of ionic interactions on the oxidation Fe(II) and
Cu(I) in natural waters. Marine Chemistry. 28, 1-18.
Millero, F. J., & Schreiber, D. R. (1982). Use of the ion pairing model to
estimate activity coefficients of the ionic components of natural waters.
American Journal of Science, 282, 1508-1540.
Millero, F. J., & Sotolongo, S. (1989). The oxidation of Fe(II) with H2O2 in
seawter. Geochimica et Cosmochimica Acta,~,

1867-1873.

Millero, F. J., Sotolongo, S., & Izaguirre, M. (1987). The oxidation of Fe (11)
in seawater. Geochimica et Cosmochimica Acta, 51, 793-801.
Millward, G. E., Marsh, J. G., Crosby, S. A., Whitfield, M., Langston, W. J., &
O'Neill, P. (1987). Adsorption kinetics of waste-generated arsenate and
phosphate at the iron oxyhydroxide-seawater interface.

In T. P.

O'Connor, W. V. Burt, & I. W. Duedall (Eds.), Oceanic Processes in
Marine Pollution. Volume 2. Physicochemical Processes and Wastes in
the Ocean. (pp. 133-143). Malabar, FL: Robert E. Krieger.
316

Moffett, J. W., & Zika, R. G. (1987). Reaction kinetics of hydrogen peroxide
with copper and iron in seawater. Environmental Science and Technolo~.
21, 804-810.
Mopper, K., & Zhou, X. (1990). Hydroxyl radical photoproduction in the sea
and its potential impact on marine processes. Science, 25..Q,661-664.
Morel, F. M. M., & Morel-Laurens, N. M. L. (1983). Trace metals and
plnakton in the oceans: Facts and speculations. In C. S. Wong (Ed.),
Trace Metals in Seawater (pp. 841-869). New York: Plenum.
Morgan, J. J., & Stumm, W. (1964). The role of multivalent metal oxides in
limnological transformations, as exemplified by iron and manganese. In:
Procedings of the Second International Water Pollution Research
Conference (pp. 103-131)Tokyo: Pergamon Press.
Morse, J. W., Millero, F. J., Cornwell, J. C., & Ricard, D.

(1987). The

chemistry of the hydrogen sulfide and iron sulfide systems in natural
waters. Earth Science Reviews, 24, 1-42.
Moses, C. 0., & Herman, J. S. (1989). Homogeneous oxidation kinetics of
aqueous ferrous iron at circumneutral pH. Journal of Solution Chemistry.
18, 705-725.
Myers, C. R., & Nealson, K. H. (1988). Microbial reduction of manganese
oxides: Interactions with iron and sulfur. Geochimica et Cosmochimica
Acta, 52, 2727-2732.
Nealson, K. H. (1983). Microbial oxidation and reduction of manganese and
317

iron. In P. Westbrock, & E. W. de Jong (Eds.), Biomineralization and
Biolo~cal Metal Accumulation (pp. 459-479) New York: Reidel.
Obata, H., Karatani, H., & Nakayama, E. (1993). Automated determination of
iron in seawater by chelating resin concentration and chemiluminescence
detection. Analytical Chemistzy, ~, 1524-1528.
O'Sullivan, D. W., Hanson Jr, A K, Cantu II, A, Abdel-Moati, M. A R.,
Warren, W. M., and Kester, D.R. (1992). An in situ sampling system for
trace metal and transient species preconcentration and collection in
oceanic waters. EOS, October 27, 82.
O'Sullivan, D. W., Hanson, A. K., Miller, W. L., and Kester, D. R. (1991).
Measurement of Fe(II) in surface water of the equatorial Pacific.
Limnology and Oceanography, 3-6,1727-1741.
Pehkonen, S. 0., Erel, Y., & Hoffmann, M. R.

(1992).

Simultaneous

spectrophotometric measurement of Fe(II) and Fe(III) in atmospheric
water. Environmental Science and Technology. 26, 1731-1736.
Plane, J. M. C., Zika, R. G., Zepp, R. G., & Burns, L. A

(1987).

Photochemical modeling applied to natural waters. In R. G. Zika, and
W. J. Cooper (Eds.), Photochemistzy of Environmental Aqyatic Systems

(pp. 250-267) Washington, DC: American Chemical Society.
Pyzik, A J., & Sommer, S. E. (1981). Sedimentary iron monosulfides: kinetics
and mechanism of formation. Geochimica et Cosmochimica Acta, 45, 687698.
318

Quay, P. D., Broecker, W. S., Hesslein, R. H., & Schindler, D. W. (1980).
Vertical diffusion rates determined by tritium tracer experiments in the
thermocline and hypolimnion of two lakes. Limnolo&Yand Oceano~aphy,
25, 201-218.
Rich, H. W., & Morel, F. M. M. (1990). Availability of well-defined colloids to
the

marine

diatom

Thalassiosira

weissflogii. Limnology

and

Oceano~aphy. ~. 652-662.
Rickard, D.

(1969).

The chemistry of iron sulphideformation at low

temperatures. Stockholm Contributions in Geology. 20, 67-95.
Rickard, D. (1989). Experimental concentration-time curves for the iron(II)
sulphide precipitation

process in aqueous

solutions and

their

interpretation. Chemcial Geology. 78, 315-324.
Ross, A B., & Neta, P. (1979). Rate constants for reactions of inorganic
radicals in aqueous solution. National Standard Reference Data Service.
National Bureau of Standards, 65, 55.
Scranton, M. I., Crill, P., de Angelis, M.A., Donaghay, P. L., & Sieburth, J.M.
(1993). The importance of episodic events in controlling the flux of
methane from an anoxic basin. Global Biogeochemical Q'.cles,
(Manuscript submitted for publication).
Seitz, W. R., & Hercules, D. M. (1972). Determination of trace amounts of
iron(II) using chemiluminescence analysis.Analytical Chemistry, 44, 21432149.
319

Shei, J. M. (1988). Formation of frambiodal iron sulfide in the water of a
permanently anoxic fjord Framvaren, South Norway. Marine Chemistcy,

23.,345-352.
Sieburth, J. McN., & Donaghay, P. L. (1993). Planktonic methane production
and oxidation within the algal maximum of the pycnocline: seasonal finescale observations in an anoxic estuarine basin. Marine EcoloiY Pro~ess
Series, (Manuscript submitted for publication).
Smethie, W. M. J. (1980). Estimation of verical mixing rates in fjords using
naturally occurring radon-222 and salinity as tracers. In: H. J., Freeland,
D. M., Farmer, & C. D., Levings (Eds.), Fjord Oceanography (p. 715).
New York: Plenum Press.
Spencer, D. W., & Brewer, P. G. (1971). Vertical advection diffusion and redox
potentials as controls on the distribution of manganese and other trace
metals dissolved in waters of the Black Sea. Journal of Geophysical
Research, 76, 5877-5892.
Stookey, L. C. (1970). FerroZine - A new spectrophotometric reagent for iron.
Analytical Chemistcy. 42, 779-781.
Stumm, W., and Morgan, J. J. (1981). Aquatic chemistcy: An introduction
emphasizing chemical equilibria in natural waters. New York: John Wiley
& Sons, Inc.
Sulzberger, B., Suter, D., Siffert, C., Banwart, S., & Stumm, W.

(1989).

Dissolution of Fe(III)(hydr)oxides in natural waters, Laboratory
320

assessment on the kinetics controlled by surface coordination. Marine
Chemistiy, 28, 127-144.
Sunda, W. G., Huntsman, S. A, & Harvey, G. R. (1983). Photoreduction of
manganese oxides in seawater and its geochemical and biological
implications. Nature. 301, 234-236.
Sung, W., & Morgan, J. J. (1980). Kinetics and product of ferrous iron
oxidation in aqueous solutions. Environmental Science and Technolo~.
14, 561-568.
Svensson, T. (1980). Tracer Measurement of mixing in deep water of a small,
stratified fjord. In: H. J., Freeland, D. M., Farmer, & C. D., Levings
(Eds.), Fjord Oceanography (p. 715). New York: Plenum Press.
Symes, J. L., & Kester, D.R. (1985). The distribution of iron in the Northwest
Atlantic. Marine Chemistzy. 17, 57-74.
Theis, T. L., & Singer, P. C. (1974). Complexation of iron(II) by organic matter
and its effect on iron(II) oxidation. Environmental Science and
Technology, .8,569-573.
Turner, D. R., Whitfield, M., & Dickson, A. G. (1981). The equilibrium
speciation of dissolved components in freshwater and seawater at 25 C
and 1 atm pressure. Geochimica et Cosmochimica Acta, 45, 855-881.
Waite, T. D. (1986). Photredox chemistry of colloidal metal oxides. In J. A
Davis, & K Hayes (eds.) Geochemical Processes at Mineral Surfaces (pp.
223-225). Washington D.C.: American Chemical Society.
321

Waite, T. D. (1990).

UVeffects on heterogeneous chemical processes. Woods

Hole Oceanographic Institute Technical Report, WHOI-90-09, 12-15.
Waite, T. D., and Morel, F. M. M. (1984a) Coulometric study of the redox
dynamics of iron in seawater. Analytical Chemistcy. 5-Q,787-792.
Waite, T. D., & Morel, F. M. M. (1984b). Photoreductive dissolution of
colloidal iron oxide: Effect of citrate. Journal of Colloid and Interfacial
Science, 102, 121-137.
Waite, T. D., & Morel, F. M. M. (1984c). Photoreductive dissolution of
colloidal iron oxides in natural waters. Environmental Science and
Technolo~. 18, 860-868.
Waite, T. D., & Torikov, A (1987). Photo-assisted dissolution of colloidal iron
oxides by thiol-containing compounds. Journal of Colloid and Interface
Science, 119, 228.
Wells, M. L., Zorkin, N. G., & Lewis, A G. (1983). The role of colloid
chemistry in providing a source of iron to phytoplankton. Journal of
Marine Research, 41, 731-746.
Wurzberg, E., & Haas, Y.

(1979).

A pulse radiolysis study of the

chemiluminescence of some luminol-like molecules. Journal of Physical
Chemistcy, 83, 2687-2692.
Yi, Z., Zhuang, G., Brown, P. R., & Duce, R. A (1992). High-performance
liquid chromatographic method for the d7.,ation
amounts of iron(II) in aerosols, /""•
322

of ultratrace

and seawater. Analytical

Chemistzy. M, 2826-2830.
Zafiriou, 0. C. (1974). Sources and reactions of OH and daughter radicals in
seawater. Journal of Geophysical Research, 7!l, 4491-4497.
Zafiriou, 0. C., Joussett-Dubien, J., Zepp, R. G., & Zika, R. G.

(1984).

Photochemistry of natural water. Environmental Science and Technolo~.
18, 358A-371A
Zafiriou, 0. C., True, M. B., _&Hayon, E. (1987). Consequences of OH radical
reaction in sea water: Formation and decay of Br2- ion radical. In: R. G.,
Zika, & W. J., Cooper (Eds.), Photochemistzy of environmental aquatic
systems (p. 288). Washington, DC: American Chemical Society.
Zehavi, D., & Rabani, J. (1972). The oxidation of aqueous bromide ions by
hydroxyl radicals. A pulse radiolytic investigation. Journal of Physical
Chemistzy. 76, 312-319.
Zepp, R. G., Faust, B. C., ~ Hoigne, J. (1992). Hydroxyl radical formation in
aqueous reactions (pH 3-8) of iron(II) with hydrogen peroxide: The
photo-fenton reaction. Environmental Science and Technolo~. 2fi,313319.

323

